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ABSTRACT 
The current option for the management of Intermediate-Level Waste (ILW) and High-
Level Waste (HLW) in the United Kingdom (UK) is to store it in stainless steel containers and 
then placed in a deep underground Geological Disposal Facility (GDF). This may 
subsequently be backfilled with a cementitious material generating hyperalkaline (very high 
pH) conditions and high concentrations of calcium from the cement. The UK GDF concept 
includes cement encapsulation of the waste and alkaline backfill materials based on 
mixtures of cement. The low redox potential (Eh) minimises the concentration of dissolved 
uranium in groundwaters since it is mainly present as the less soluble U(IV) salts.  The 
eventual corrosion of the stainless steel canisters containing the waste used for disposal will 
lead to reducing conditions thereby promoting a low Eh environment. In addition, oxygen 
should be absent in deep geological formations and hence reducing conditions should 
prevail, though it is very unlikely that oxygen is not present at all (which eventually leads to 
the slow corrosion of the stainless steel waste containers).   
 
It has been generally assumed that the safety functions of the cement within the near 
field of a GDF will include the reduction of the solubility of many radionuclides and the 
retardation of migration by sorption and incorporation. In order to assess the safety of the 
storage of nuclear wastes, it is important to understand the behaviour of radionuclides in the 
environment, especially their redox potentials. Uranium is a major component of the UK 
waste inventory mainly from spent fuel. The redox behaviour of dissolved uranium in the 
nuclear wastes must therefore be understood in the context of prevailing GDF chemistry, 
where the reduced state of uranium, i.e. U(IV) is preferred in a GDF as it is generally less 
mobile and therefore less soluble with less potential for migration in groundwater. The main 
oxidation states of uranium in natural water systems are U(IV) and U(VI). 
 
The mobility and solubility of uranium in aqueous solution depend significantly on its 
oxidation state. The GDF will not be homogeneous at any one time, so there will be areas of 
oxidising and reducing potentials. This could mean that both U(VI) and U(IV) are present 
together at any one time in a GDF. The simultaneous presence of different oxidation states 
of uranium in aqueous systems complicate the prediction of the redox behaviour of aqueous 
uranium with changes in Eh, pH and ligand concentration. Electrochemical experiments are 
hence needed to determine which uranium species is/are present at a particular pH and to 
model the redox behaviour of aqueous uranium in a potential GDF. The main aim of this 
project is to use cyclic voltammetry to deduce peak potentials for the various uranium redox 
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couples in aqueous solution across the pH range and in particular the hyperalkaline range, 
as the surroundings of a GDF will be in high pH conditions. Data in the literature have been 
obtained only under acidic conditions where they were subsequently extrapolated to obtain 
data for alkaline conditions in some reports. Is this valid however? Experiments are therefore 
needed to obtain fundamental data under alkaline conditions to fill in gaps in the literature 
and to confirm if the extrapolations were accurate.  
 
Work was carried out in both excess sodium carbonate and atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5 
atm) conditions to investigate the effects of carbonate as well. The 
results of this study have indicated that the data could be extrapolated under certain 
circumstances only, which were the redox peak potentials obtained under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5 
atm) conditions in the absence of any ligand. Both the 
reduction and oxidation peak potentials were moving in the negative direction above ca. pH 
4.0 in a trend which obeyed the ‘theoretical slope of 59 mV per decade’, i.e. the redox peak 
potentials were changing by 59 mV per pH unit, indicating constant reaction mechanisms. 
 
On the other hand, in the presence of excess sodium carbonate, the reduction peak 
potentials remained constant across the pH range for all three reduction processes, i.e. 
U(VI) to U(V), U(V) to U(IV) and U(IV) to U(III) at reduction peak potentials of ca. -0.40, -1.20 
and -1.40 V respectively. The oxidation peak potentials were changing by more than 59 mV 
per pH unit below ca. pH 5.0 but remained fairly constant at peak potentials of ca. -0.20 to -
0.30 V at above ca. pH 6.0. This indicated that in the former case, the reaction mechanism 
was changing and that the data obtained could not be extrapolated to alkaline conditions 
while in the latter case, the reaction mechanism remains the same under neutral and 
alkaline conditions where the peak potentials were not dependent on pH, i.e. protons and 
hydroxide ions were not involved in the redox reactions. 
 
In addition to radionuclides, complexing organic ligands present in a cementitious 
repository, i.e. either in the waste matrix, in the vault water, leached from the grout material 
or produced from the action of aerobic microbes and the degradation of cellulose could have 
an important effect on the immobilisation of radionuclides in concrete.  This is due to the 
ability of the ligands to form complexes with cations, thereby enhancing their solubility and 
mobility in the cement pore water, sorbing onto cement surface sites and competing with 
other anions.  These ligands are of key importance with regard to the stability of uranium in 
aqueous solution and its transport from the waste matrix for e.g. via the groundwater. The 
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ligands themselves may affect the pH of the waste and may compete with uranium for the 
alkali metal ions like potassium, which would normally maintain uranium in the solid phase 
by the formation of uranates, thereby limiting the mobility of uranium which is the preferred 
condition.  
 
Four different ligands were investigated in this project that are relevant to nuclear 
waste disposal which comprised of carbonate (an inorganic ligand), 
ethylenediaminetetraacetic acid (EDTA) (an anthropogenic organic ligand that arises as a 
decontamination product), gluconic acid (used as a retarding organic admixture in concrete) 
and α-ISA (dissolved organic matter and the main degradation product of cellulose). The 
peak potentials of each uranium redox reaction in aqueous solution were measured and the 
potentials were subsequently compared in ligand and non-ligand systems. The 
voltammograms were compared to obtain their similarities and differences in terms of the 
shape of the cyclic voltammograms, peak potentials, reversibility/re-oxidisability, current 
responses and etc. Analysis of the similarities and differences was needed to be able to 
increase the understanding of the complexation effects of these ligands with uranium under 
different pH conditions in aqueous solution. Computer software has been used to obtain 
uranium speciation plots to model the experimental data, thereby predicting the solubilities 
and speciation of uranium across the pH range. The solubility of uranium in groundwaters is 
very sensitive to changes in redox conditions. It is therefore vital to understand the redox 
behaviour of uranium in aqueous solution to predict its solubility and subsequently, its 
mobility in a potential GDF.  
 
This work makes a significant contribution to the fundamental understanding and 
prediction of the redox chemistry of uranium, its solubility and speciation in aqueous solution. 
In addition, uranium complexation behaviour with different organic ligands in natural waters 
across the pH range and at hyperalkaline conditions in particular was studied, as these 
conditions are relevant to nuclear waste disposal. The results in this study have shown that 
the redox behaviours of the predominant uranium carbonate and uranium EDTA complexes 
were in agreement with the uranium speciation plots obtained through CHESS modelling in 
the presence of EDTA, thereby emphasising the importance of EDTA under conditions 
relevant to nuclear waste disposal. It could be concluded that EDTA has affected the 
uranium redox system in terms of reaction mechanisms, thermodynamics and kinetics of the 
redox reactions under acidic conditions in particular, while carbonate was dominant above 
neutral through to hyperalkaline conditions when present. 
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CHAPTER 1: INTRODUCTION 
 
1.1 CHAPTER OUTLINE 
 
This chapter gives a background overview of the electrochemical method used, i.e. cyclic 
voltammetry, the equipment for electrochemical measurements, the three-electrode 
configuration, types of electrodes available and previous work in the literature on the cyclic 
voltammetry of uranium including the solubility and various oxidation states of uranium. 
Subsequently, the carbonate system and equilibria are discussed. Uranyl carbonates are the 
main focus of this discussion because excess carbonate at a concentration of 0.2 mol dm
-3
 
will be added to the uranium aqueous solutions in the experiments described in this thesis. 
Finally, discussion of uranium complexation is presented with emphasis on the uranium-
carbonate, uranium-carboxylate and uranium-EDTA complexes. 
 
 
1.2 AIMS AND OBJECTIVES 
 
This project is concerned with the redox behaviour of uranium in a potential 
radioactive Geological Disposal Facility (GDF). Uranium is a redox-sensitive element and its 
chemical properties depend considerably on pH and the oxidation state of uranium (III, IV, V 
and VI). The presence of each state depends on both the Eh and pH of the solution. It is 
important to understand the redox behaviour of uranium to evaluate its mobility in the GDF, 
and surrounding environment and the consequent security of its disposal. The environment 
of a United Kingdom (UK) GDF is predicted to be at high pH due to the cement 
encapsulation of the waste and alkaline backfill materials based on mixtures of cement and 
at low Eh due to corrosion of the stainless steel canisters containing the waste. 
 
The solubility of uranium is known to be high in acidic conditions but much lower in 
alkaline conditions. The low solubility of uranium at high pH therefore leads to some 
challenging experimental work. This problem was solved by the addition of excess sodium 
carbonate to complex the uranium ions. The solubility of hexavalent UO2
2+
 in ground water 
has been shown to be relatively high due to the formation of carbonate complexes.
1
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Knowledge of the chemical speciation, oxidation state, pH, redox reactions and the 
type of complexing agents present such as carbonates and their sorption characteristics are 
necessary to predict the solubility and mobility of uranium in aqueous systems.
1 2 At low pH, 
the adsorption of UO2
2+
 is generally negligible but increases with increasing pH usually in the 
pH range of 4 to 6. In the alkaline region however, U(VI) is strongly adsorbed in the absence 
of dissolved CO2.
3
 
This work describes the effects of changing pH, effects of added carbonate and the 
addition of ligands on the redox behaviour and the re-oxidisability of the various uranium 
redox couples using cyclic voltammetry, in addition to the optimisation of the electrochemical 
method. Most of the reported work in the scientific literature was carried out under highly 
acidic conditions and the results have sometimes been extrapolated to circumneutral and 
alkaline conditions. Is this valid however? This extrapolation needs to be tested. 
 In addition, studies of uranium complexation with carbonate and organic materials 
are important to predict the chemical behaviour of uranium in nuclear waste processing and 
in the environment. Carbonate is a common ion present in groundwater while the organic 
compounds may have various origins in a deep radioactive waste repository.
4
 EDTA is an 
organic complexant present in decontamination agents and is therefore used in nuclear 
decontamination processes and ends up in the wastes. α-Isosaccharinic acid (α-ISA) is the 
most important cellulose degradation product while retarders such as gluconic acid are 
present in cement additives that are used to improve the physical and rheological properties 
of concrete. The complexation of uranium with three organic ligands (EDTA, gluconic acid 
and α-ISA) is described in this thesis. 
 
1.3 THE BASICS OF CYCLIC VOLTAMMETRY 
1.3.1 Electroanalytical Chemistry: Voltammetric Techniques 
 
The main objective of electroanalytical chemistry is to analyse the composition of a 
sample. The study of the thermodynamic and kinetic aspects of the electron transfer 
processes exhibited by the electro-active species is required to obtain a full understanding of 
the redox behaviour and properties of that particular species.
5
 Transient electrochemical 
techniques like voltammetric techniques are useful for obtaining these thermodynamic  and 
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kinetic data even though they are one of the more complex electrochemical techniques.
6
 
Voltammetric techniques are also economical (low initial and running costs) and strictly 
analytical, i.e. has the ability to determine the low levels of metals in different matrices.  
 
The dozen or so popular voltammetric techniques can be divided into three 
categories, which are sweep techniques, pulse/step techniques and hydrodynamic 
techniques. In all cases, the basis of voltammetric techniques is controlling the electrode 
potential (voltage) of a working electrode (also known as ‘WE’) so that the analyte is either 
oxidised or reduced at an electrode surface to create a concentration gradient and 
measuring the resulting current. The current is proportional to the concentration of the 
electroactive component present in the test solution. 
 
Therefore, these techniques involve perturbing the initial zero-current condition of an 
electrochemical cell by changing the potential of the working electrode and following the 
generated current as a function of time.
5
 In some cases, the current flowing in an electrode 
cell is stepped from zero to some finite value and the potential of the electrode is observed 
instead, a technique known as chronopotentiometry. Sweep techniques are preferred for the 
investigation of the general electrochemical behaviour of the analytes in solution while step 
techniques generally give better quantitative information. Hydrodynamic techniques involve 
stirring the test solution. 
 
The current originates from molecules or ions, which undergo electron transfer at the 
electrode surface.
7
 The main instrument used in voltammetry is a potentiostat as illustrated 
in Fig. 1.1. The potentiostat applies a potential to the electrochemical cell and the resulting 
current is then measured. The current versus voltage curve is displayed either on a chart 
recorder or more commonly a computer screen. The modern potentiostat includes a built-in 
sweep and/or pulse generator, and those which are interfaced to a computer will usually rely 
on the computer to generate the desired waveform. Modern potentiostats use a three-
electrode configuration, which is connected to the working, reference and auxiliary 
electrodes immersed in the test solution. This will be elaborated on further in section 1.3.4. 
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Figure 1.1: Schematic of a potentiostat connected to a three-electrode configuration. (Figure 
modified from A. C. Fisher, 1996.)
7
 
 
 
 
Voltammetric techniques are suitable for obtaining a preliminary electrochemical 
overview of the redox behaviour of an electro-active species. The current-voltage curves (I-E 
curves) reveal the potential at which the redox processes occur. In addition, the size of the 
currents generated by the relative faradaic processes is normally proportional to the 
concentration of the electro-active species.
5
 The shape of the response as a function of the 
potential scan rate allows the determination of chemical complications such as adsorption or 
homogeneous reactions which accompany the electron transfer reactions.  
 
The voltammetric techniques are based on Fick’s and Faraday’s Laws. Fick’s Laws 
describe the diffusion of electroactive material from regions of higher concentration (bulk of 
solution) to regions of lower concentration (electrode surface). When considering an 
uncomplicated charge transfer reaction, the voltammetric current signal is proportional to the 
flux of the electroactive substance towards the solution-electrode surface and this is 
described by Fick’s First Law. Fick’s Second Law describes the time-dependent changes in 
the concentration of the substance caused by the flux, or more specifically, the partial 
derivative of the concentration with respect to time equals the divergence of the flux vector. 
 
 
Polarisation Cell 
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1.3.2 Cyclic Voltammetry 
Cyclic voltammetry is the most popular voltammetric technique.
5
 It is a transient 
technique, meaning it is a technique with time-dependence. The theory of cyclic voltammetry 
has been derived for almost any series of reactions that may be reversible or irreversible, 
involve chemical steps, adsorptions and so on.
8
 In cyclic voltammetry, the electrode potential 
applied is varied from an initial value, Ei, to a final value, Ef, at a constant scan rate, ʋ. Once 
the final value Ef is reached, the direction of the scan is reversed (Eswitch or Eλ) with the same 
scan rate maintained to bring the potential back to the initial value Ei.   
 
An example of a cyclic voltammogram is shown in Fig. 1.2. During the course of the 
experiment, the current peaks are measured (cathodic peak current, ipc, and anodic peak 
current, ipa), which originate from the depletion of the electro-active material in the vicinity of 
the working electrode. 
 
 
Figure 1.2: Cyclic voltammogram of a single electron oxidation-reduction reaction displayed 
using the historical convention. (Figure adapted from R. N. Vyas and B. Wang, 2010.)
9
 
 
 
 
As an example, species which are reduced in the forward scan of each cycle are re-
oxidised in the reverse scan. Hence, cyclic voltammetry is useful in the deduction of the 
reaction mechanism, especially in the identification of reaction intermediates.
10
  Modern 
electronic techniques which can generate very high sweep rates ~10 V/s have made it 
Eλ 
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possible to identify short-lived intermediates which decompose within the time scale of 
conventional voltage scan frequencies.
10
  
 
It must be taken into account that the greater the separation between the peaks of 
the forward and reverse scans, the more irreversible the electrode process. The potential 
difference between the oxidation and reduction peaks is theoretically 59 mV (at 25 
o
C and 
independent of scan rate) for a reversible reaction and the heights of the forward and 
reverse current peaks are of the same magnitude. However, in practice, the difference is 
typically 70-100 mV because there is inevitably resistance in the test solution. Larger 
differences or asymmetric reduction and oxidation peaks indicate non-reversible reactions. 
These parameters of cyclic voltammetry make it suitable for the characterisation and 
mechanistic studies of redox reactions at electrode surfaces. 
 
If n electrons are transferred in a reversible electrode process, the separation 
becomes: 
                                         Ep
ox
 - Ep
red
    = 2.218 RT / nF                                              (1) 
 
 
For irreversible electrode processes, for the product to be re-converted to its reactant, an 
appreciable overpotential (potential ‘over’ and above the thermodynamic potential) is 
required and the reverse peak only appears at potentials much more negative than the 
equilibrium electrode potential, Ee. The size of the reverse peak relative to the forward peak 
will depend on the scan rate and the potentials of both the forward and reverse peaks are 
also scan rate dependent. This contrasts with the reversible case and is diagnostic of the 
nature of the electrode kinetics.  
 
The absolute magnitudes of the peak currents of both the forward and reverse scans 
depend on the scan rate regardless of reversibility.
7
 For a reversible system, the ratio of the 
forward and reverse peak currents, ip, is unity but ip for both peaks varies with the square 
root of the scan rate, ʋ
1/2
. This usually applies when studying a redox system with rapid 
kinetics and/or by sweeping the electrode potential at a slow rate. ip increases with scan rate 
because as the electrode potential is swept more rapidly, relatively less time is available for 
electrolysis. The depletion of the reactant near the electrode is reduced, resulting in a thinner 
diffusion layer and hence a steeper concentration gradient. The resulting larger flux will give 
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rise to an enhanced ip. Specifically, Fick’s first law of diffusion indicates that ip reflects the 
concentration gradient of the reactant near the electrode, which in turn is controlled by the 
diffusion layer thickness, where 𝐽 =  −𝐷. 𝑑𝑐(𝑥)
𝑑𝑥
 (J is the net flux along ‘x’, D is the diffusion 
coefficient of the electroactive species, i.e. oxidant or reductant at ‘x’ and dc(x) is the 
concentration at ‘x’). 
 
The terms ‘reversible’ and ‘irreversible’ refer to limiting cases according to whether 
the electrode kinetics are fast or slow relative to the mass transport conditions of the 
electrode of interest.
7
 The limiting factor in electrode reactions is primarily one of mass 
transport. The effect of electrode kinetics is often important as well however. The mass 
transport to the electrode or the rate of electron transfer is usually the rate-limiting step.  
 
Intermediate cases known as quasi-reversible behaviour exist. The surface 
concentrations of both the reactants and products now depend on both the forward and 
reverse electron transfer rates (kf and kb) and the rate of mass transport. In quasi-reversible 
cases, a reverse peak of similar magnitude to the forward peak is observed on the reverse 
sweep, but, unlike the case of reversible systems, the separation of the two peaks is 
dependent on the scan rate. The peak current is also not proportional to the square root of 
the scan rate. Only a tiny re-oxidation peak will be seen unless a very fast scan rate is used 
because the electrode has to be taken to very oxidising potentials to “drive” the re-oxidation 
process. If not, almost all of the product formed in the forward scan will diffuse into the bulk 
solution and will be unavailable for re-oxidation.
7
  
 
A common confusion in electrochemical literature is the way the current-voltage 
curves (voltammograms) are displayed.
11
 Historically, they were oriented with increasingly 
negative potentials directed to the right of the origin and with therefore, the cathodic (net 
reduction) currents directed upwards from the origin, as shown in Fig. 1.3. This convention is 
widely used in monographs and electrochemistry textbooks.
11 
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Figure 1.3: Conventional display of current-voltage curves. (Figure reproduced from D. T. 
Sawyer, A. Sobkowiak and J. L. Roberts, 1995.)
11
 
 
 
 
 
However, the opposite convention is beginning to be more widely used, especially in 
international literature. The reason is this convention is more consistent with the usual format 
of graphs. In this “rational” convention, the positive potentials are directed to the right of the 
origin and the anodic (net oxidation) currents are directed upwards from the origin.
11
 The 
rational convention will be reported in all results.  
 
The Nernst equation describes the fundamental relationship between the electrode 
potential and the concentration of the redox species at the electrode surface.  It is useful for 
predicting the concentration of a species near an electrode surface at a given applied 
potential. If an electrode is in equilibrium with the solution in which it is immersed, the 
electrode will have a potential, invariant with time, which is thermodynamically related to the 
composition of the solution. In solution, species ‘Ox’ is capable of being reduced to ‘Red’ at 
the electrode by the following reversible electrochemical reaction. 
 
                                   Ox + ne-  Red                                                                 (2) 
 
The Nernst equation relates the potential E, which is applied to the electrode and the 
concentrations of species ‘Ox’ and ‘Red’ at the electrode surface at 298 K (25 
o
C).  
 Current / A 
Potential / V  
 
ianodic 
icathodic 
+ E - E 
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                                          Eeq = E
o’ 
+ RT / nF ln [Ox] / [Red]                                                 (3) 
 
                                         Eeq = E
o’ + 2.303RT / nF log [Ox] / [Red]                                       (4) 
 
 
where Eeq = the potential applied to an electrode 
           E
o’ = the formal reduction potential of the redox couple versus the reference electrode 
             n = the number of electrons transferred in the redox event (usually 1) 
             F = the Faraday constant (9.649 x 10
4 C mol
-1
) 
             R = the universal gas constant (8.314 J K
-1 mol
-1
) 
             T = absolute temperature 
         [Ox] = the surface concentration of the oxidised species 
       [Red] = the surface concentration of the reduced species 
 
The variation in the ratio of the [Ox] to the [Red] as a function of potential is the basis 
of all voltammetric methods. The Nernst equation describes the relationship for all reversible 
reactions. Reversible systems are those where the electrode reaction in equation (2) is rapid 
in both directions. The surface concentrations of the species involved respond 
simultaneously to any changes in potential. 
 
A more useful equation in cyclic voltammetry is the Randles-Sevcik equation. This 
equation describes the effect of scan rate on the peak current, ip. For simple redox reactions 
such as the ferrocyanide/ferricyanide couple, ip, depends not only on the concentration and 
diffusional properties of the electroactive species, but also on the scan rate. The peak 
current is described by 
 
                                             ip = 0.4463 nFAC (nFʋD / RT)
1/2
                                    (5) 
 
or if the solution is at room temperature (298 K), from the solution of diffusion laws for planar 
diffusion: 
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                                              ip = 2.69 x 10
5 n
3/2
 AD
1/2
Cʋ
1/2
                                    (6) 
 
where ip = the peak current in Amperes (A) 
           A = the electrode area in cm
2
 
           D = the analyte’s diffusion coefficient in cm
2
/s 
           C = concentration in mol/cm
3
 
           ʋ = the scan rate in V/s 
 
From the equation, as ʋ increases, ip increases as there is less time to scan through 
the potential range. Therefore, at each potential, the Nernst diffusion layer thickness, ɗ, is 
thinner and the flux is higher. Using the Randles-Sevcik equation, the diffusion coefficient of 
the electroactive species can be determined. Linear plots of ip versus ʋ
1/2 provide evidence 
for a chemically reversible redox process. For a species where the D is known or could be 
estimated, the slope of the plot of ip versus ʋ
1/2 provides information into the stoichiometry of 
the redox process. If D is known, then n for a redox-active species could be calculated using 
equation (5). In most cases, even D values estimated from similar structures with known 
diffusion coefficient values should suffice.  
 
A plot of ip versus ʋ
1/2 is linear for a redox-active species under diffusion control and 
therefore can be a useful diagnostic indicator for a redox system being characterised for the 
first time.  It is important to note that this equation only applies when the redox system 
remains in equilibrium with the sweeping potential of the working electrode. This condition 
can be satisfied by studying a redox system with rapid kinetics and/or by sweeping the 
electrode potential at a slow rate. 
 
 
1.3.3 Basic Equipment of Electrochemical Measurements 
 
Electrochemical cells usually consist of a glass container with inlets for introducing 
electrodes and an inert gas for oxygen removal, such as a three-neck round bottom flask. 
The purging gas may be nitrogen or argon. The purging gas may be de-oxygenated by 
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passing the gas through a hot copper furnace or through solutions of strong reductants such 
as vanadous or chromous ion.
7
 A reliable electrochemical cell must involve the use of three 
types of electrodes, i.e. the working or indicator electrode, the reference electrode and the 
auxiliary or counter electrode. This three-electrode configuration is used in most 
electrochemical experiments like the one shown in Fig. 1.4.  
 
In voltammetry, the use of a potentiostat and a three-electrode configuration is 
routine practice.
11
 The potentiostat applies the desired potential between a working electrode 
and a reference electrode. The cell current passes between the working electrode immersed 
in the test solution and the counter electrode, which may also be in the test solution. 
However, the counter electrode is usually placed in a compartment and isolated from the 
working electrode by a single- or double-junction glass frit or a sintered-glass disk as shown 
in Fig. 1.5. Such isolation will prevent any by-products generated at the counter electrode 
from contaminating the test solution. As an example, if a reduction reaction is being carried 
out at the working electrode in an aqueous test solution, oxygen may be evolved from the 
counter electrode. Hence, isolation of the counter electrode is necessary during the bulk 
electrolysis of a species which exhibits reversible redox behaviour. The potentiostat’s 
internal feedback circuits prevent all but a very small current from flowing between the 
working and reference electrodes. 
 
 
 
Figure 1.4: A typical three-electrode cell used in electrochemical experiments, with provision 
for attachment to a vacuum line. (Figure reprinted from A. J. Bard and L. R. Faulkner, 
2001.)
12
 
Working Electrode 
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Figure 1.5: Schematic of an electrochemical cell of a circular vessel used in cyclic 
voltammetry. The diagram shows the connection between the working, reference and 
counter electrodes. The sinter prevents the by-products of the electrode reactions at the 
counter electrode from diffusing into the test solution. (Figure modified from A. C. Fisher, 
1996.)
7
 
 
 
 
1.3.4 Electrode Types 
 
The first type of electrode is of the kind metal/metal ion electrode. It is typically a 
metal wire dipped into a solution containing one of its ions, such as Cu/Cu
2+
 and Zn/Zn
2+
. 
This is somewhat archaically known as an “electrode of the first kind”.
10
 The metal electrode 
actually responds to the metal ion. However, some metals that should work according to this 
principle, i.e. their standard electrode potential, E
o
, values lie within the bounds of stability of 
water, do not because of oxide layers that make them quite irreversible.
8
 Such metals 
include iron, tungsten, nickel, cobalt and chromium. 
 
“Electrodes of the second kind” have the form of metal, insoluble metal salt and anion 
electrode.
8
 These electrodes are useful in reference systems. The metal is essentially in 
contact with one of its sparingly soluble salts at equilibrium, placed in a solution containing a 
strongly ionised salt with a common anion.
10
 The metal electrode does not respond to the 
metal ion itself, but to an anion with which the metal forms a precipitate. Hence, the activity 
of the metal ion is controlled by the concentration of the anion and the solubility product (Ksp) 
of the salt.
8
 Some common examples are the silver/silver chloride electrode, the mercury (I) 
chloride (calomel) electrode and the mercury/mercury (I) sulphate electrode. 
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An electrode of the third kind is one that can respond to the activity of ions of a 
different metal through the competition for anions, with which each metal forms an insoluble 
salt.
8
 An example is the mercury (II) EDTA electrode: EDTA
4-
│HgEDTA
2-
, Hg. Mercury (II) 
EDTA is very insoluble and so the concentration of the complex is low and almost constant. 
When calcium EDTA is added, the concentration of EDTA
4- becomes inversely proportional 
to the activity of calcium ions.
8
 The potential of the half-cell depends only on the 
concentration of EDTA. Hence, the chemical system had been converted into a calcium 
electrode. 
 
There are also two other types of electrodes, which are the metal-gas-ion electrode 
and redox electrodes. An example of a gas electrode is the hydrogen electrode. In this half-
cell, the metal such as platinum, acts as a source or sink for the electrons. The equilibrium is 
set up between the gas and an ion formed from the gas.
8
 The metal determines the kinetics 
of the process, which is how long it may take to establish equilibrium. Platinum is ten billion 
(10
10
) times faster than mercury at performing the reaction of the hydrogen electrode.
8
 Other 
gas electrodes that are used include the oxygen electrode and the chlorine electrode.  
 
Redox electrodes are low-resistance systems which include platinum, silver and gold 
electrodes. These are available commercially as well as the antimony pH electrode. The 
metal in redox electrodes acts as a medium for the electron transfer between the oxidised 
and reduced forms. The electrolyte should not contain ions of the electrode metal to avoid an 
additional Galvanic potential difference at the electrode.
13
 This potential difference is 
determined by the activity of the electrode metal ions in the solution if they are present. 
However, this ion activity can be disregarded if the standard potential of the redox electrode 
is a few 100 mV higher than the redox potential to be measured. Therefore, platinum and 
gold electrodes are more commonly used as redox electrodes.
13
  
 
Redox electrodes are used in many analytical applications, such as in the 
determination of arsenic, cyanides, hydrogen peroxide, hypochlorite or chlorine, ferrous iron, 
halides, stannous tin and zinc.
14
 The silver electrode is widely used in the determination of 
halides while the platinum electrode is useful for most other determinations, except when 
cyanide is being oxidised in the presence of hypochlorite. In such a case, the gold electrode 
is preferable.
14
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1.3.4.1 Working/Indicator Electrodes 
 
The working electrode is the electrode at which the electron transfer process of 
interest takes place. A working electrode functions as a source or sink of electrons for 
exchange with molecules in the interfacial region, which is the region adjacent to the 
electrode surface. A working electrode must be an electronic conductor. The main criterion 
in choosing a working electrode for a redox half-cell is that the electrode must be 
electrochemically inert over a wide range of potentials, i.e. it does not generate a current in 
response to an applied potential. Hence, it must be made of a redox-inert material, at least in 
the potential region of interest if not completely inert. The most common working electrode 
materials for cyclic voltammetry include platinum, gold, mercury and glassy carbon. Other 
forms of carbon, other noble metals, semiconductors, carbide, borides and conducting tin 
oxide films on glass may also be used.
11
 However, these materials are used for more 
specific applications. 
 
The choice of electrode material depends upon the potential window required. As an 
example, mercury can only be used for negative potentials due to the oxidation of mercury at 
more positive potentials. The choice of working electrode material also depends on the rate 
of electron transfer. Slow electron transfer kinetics may affect the reversibility of the redox 
behaviour of the system under study. The rate of the electron transfer reaction can vary 
considerably from one material to another, even for the same analyte. This is due to, for 
example, catalytic interactions between the analyte and the electro-active species on the 
surface of the electrode.  
 
Besides the electrode material, a working electrode with the most appropriate 
geometrical form must also be chosen. The most common forms for fast voltammetric 
techniques are the planar geometry and the spherical (or hemispherical) geometry.
5
 In 
addition, there have been recent attempts to use more sophisticated materials such as 
superconductors for making working electrodes.
5
 However, superconductors are not very 
promising electrode materials due to their poor chemical and mechanical properties. Their 
fragile, porous and chemically non-inert nature makes them unsuitable in principle for use as 
working electrodes.
5
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The size of the electrode surface also has an effect on the voltammetric response of 
the electrode. The overall current observed at an electrode is directly related to its surface 
area, and disk-shaped electrodes with diameters greater than 100 μm, or macroelectrodes, 
generally produce easily measured currents in the μA to mA range. Electrodes with 
dimensions less than 100 μm are generally known as microelectrodes (Fig. 1.6). These 
typically produce currents in the pA to nA range. They offer unique electrochemical 
characteristics, such as their extremely small size, the minimisation of solution resistance 
and rapid response times. These electrodes are fabricated mechanically in the low μm 
diameter range by sealing platinum, silver or gold microwires or carbon fibres in glass 
capillaries. Other materials can also be incorporated into microelectrodes if they are 
available as a wire or fibre and form a good seal with epoxy. They can also be produced by 
metal deposition or photolithography. The flattened end of a microelectrode is polished to a 
mirror finish, which can be maintained using polishing materials.  
 
 
Figure 1.6: (from top) Carbon fibre, platinum and gold microelectrodes. (Figure reprinted 
from BASi, 2012.)
15 
 
 
 
Although the overall currents observed at microelectrodes are small enough to 
require specialised electrochemical equipment such as a low-current interface, these 
electrodes produce a greater signal-to-background ratio. Microelectrodes are usually used in 
applications where the sample size is quite small and in resistive solutions. Other important 
applications include high-speed voltammetry (> 10,000 V/s), electrochemistry in highly 
resistive solvents and in ‘in-vivo’ voltammetry. Microelectrodes are discussed further in 
section 1.3.4.5. 
 
Several metal and non-metal working electrodes have been used in voltammetry. 
Mercury, being a liquid, tends to be used as a spherical droplet in contact with the test 
solution. The traditional voltammetric technique known as ‘polarography’ makes use of the 
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dropping mercury electrode (DME). This electrode consists of repetitive mercury drops 
continuously extruding from the end of a capillary.
7
 There is also the hanging mercury drop 
electrode (HMDE), which is a variant of the DME. In HMDE, a drop of mercury is suspended 
at the end of a capillary. A mercury film electrode (MFE) is formed when a thin coat of 
mercury is deposited on a substrate such as graphite.   
 
Solid electrodes such as platinum, gold, glassy carbon and wax impregnated 
graphite are also commonly used in voltammetry. Such electrodes have a more positive 
potential range than mercury.
7
 Solid metals are typically fashioned into disks surrounded by 
a chemically inert shroud made from Teflon, glass, or epoxy. All solid metal electrodes must 
occasionally be re-polished to remove surface contaminants picked up during experiments. 
Solid electrodes can be rotated rapidly in the form of rotating disc electrode (RDE) as seen 
in Fig. 1.7. These rotated electrodes are used with hydrodynamic methods which involve 
spinning the working electrodes. Optically-transparent electrodes (OTE) are used for visible 
region spectroelectrochemistry. OTE comprise of a thin film of tin-doped indium oxide on 
glass. 
 
Mercury may be regarded as an ideal electrode material
6
 where mercury drop 
electrodes have several advantages over solid electrode materials such as platinum and 
glassy carbon. Mercury drop electrodes are microscopically featureless, have a clean and 
more reproducible surface and allow potential scans to very negative potentials due to the 
high hydrogen evolution overpotential on mercury that can be attained in aqueous systems 
and amalgamation with heavy metals (e.g. lead and cadmium).
6
 Hence, mercury drop 
electrodes are used for the determination of trace metals with stripping voltammetry, where 
reproducibility is a critical factor, and also for measurements at negative potentials in 
aqueous systems.  
 
 
1.3.4.2 Working Electrode Materials 
 
Platinum and gold are the most commonly used metallic solid electrodes. These 
metals are readily obtained in high purity, are easy to machine, and can be fabricated readily 
into a variety of geometric configurations such as wires, rods, flat sheets and woven 
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gauzes.
11
 These electrodes are also resistant to oxidation, but are not completely inert as 
previously assumed.  
 
Gold has a significantly larger overpotential (larger cathodic potential) though it is 
much smaller than for mercury. Gold does not adsorb hydrogen in appreciable amounts. 
Hence, this factor together with its larger overpotential for hydrogen evolution makes gold 
electrodes suitable for the study of cathodic processes.
11
 Gold is usually less expensive than 
platinum, but it is not as electrochemically inert. The surface of a gold electrode is subject to 
oxidation at moderately positive potentials (anodic processes), and therefore it is not as 
generally useful as platinum. 
 
Platinum on the other hand adsorbs hydrogen readily as it has a low hydrogen 
overvoltage so its cathodic potential range is limited. The amount of adsorbed hydrogen can 
be used to estimate the true surface area of platinum. Platinum is used more often than all 
other metals combined.
11
 This is most probably because of tradition, the fact that gold is 
much more difficult to seal into glass than platinum and that platinum gives faster kinetics 
than electrodes of other materials. In aqueous solvent systems, platinum is a good choice 
when working with positive potentials, but at negative potentials, interference from the 
reduction of hydroxonium ion is a problem. In rigorously anhydrous organic solvent systems, 
platinum is the best and the most popular choice because of its wide potential window in 
both the positive and negative directions. 
 
Mercury is a liquid at temperatures above -39 
o
C at atmospheric pressure. Hence, 
mercury can be used in dropping, streaming or pool configurations which are impossible with 
solid electrodes. It can also be coated in thin layers on other metals which will then show 
similar properties to the mercury electrodes.
11
 As an example, to construct a ‘solid’ mercury 
electrode, a gold electrode is simply immersed in mercury for a few seconds. The amalgam 
that forms produces a mercury electrode that is much more manageable than the dropping 
mercury electrode (DME) used in polarography.
5
 However, the DME has a reservoir of 
mercury that is allowed to slowly drain through a vertical capillary tube immersed in the test 
solution. As the mercury slowly exits the capillary, it forms a small, nearly spherical drop that 
is in contact with the test solution. Electroactive analytes in the test solution undergo redox 
reactions at the surface of the drop.  
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The dropping or streaming mercury electrodes hence provide a continuously 
renewed surface that can help to minimise the effects from adsorption of solution impurities 
or from fouling of the working electrode surface by films produced in the electrode 
reactions.
11
 Furthermore, the surfaces of these mercury electrodes are smooth and 
continuous. Therefore, pre-treatment or polishing is not necessary as compared to solid 
electrodes. The advantages of the liquid surface and the large overpotential for hydrogen 
evolution make mercury a suitable choice of electrode material for use in cathodic 
processes, unless mercury is evidently incompatible with a particular chemical system.
11
 As 
an example, incompatibility can arise from strong specific absorption, like in some sulphur-
containing compounds, or in high-temperature systems, such as fused salts, because of the 
low boiling point of mercury (356.6 
o
C).
11
 In aqueous solution, the mercury electrode can be 
used at more negative potentials than other metals without interference from the reduction of 
hydroxonium ion. However, its anodic window is limited due to mercury oxidation. 
 
Carbon electrodes are not exempted in regards to the formation of surface oxides. 
Unlike the platinum and gold electrodes, the oxidation of the carbon electrode surface does 
not lead to passivation. In several cases, this actually has a beneficial effect in making 
electrode processes more facile.
16
 One of the problems posed by the carbon electrodes is a 
high background current. There is a need to allow the background current to decay to a 
steady-state value in amperometric measurements. Many authors
17-22
 have discussed the 
nature and occurrence of carbon-oxygen functionalities. There is now general consensus 
that these groups play an active role in electrode processes.
16 Nevertheless, the mechanism 
by which this occurs is still a matter of conjecture even though considerable progress has 
been made. 
 
Carbon electrodes are useful over a fairly wide potential window in both the positive 
and negative directions (large anodic, and a moderately large cathodic, potential range) and 
their advantage over the platinum electrodes is the ability to work at more negative potentials 
in aqueous solution. At the same time, they display high stability and low residual currents.  
Several different forms of carbon have been used to make electrodes, including vitreous or 
glassy carbon, carbon paste (spectroscopic-grade graphite mulled in sufficient Nujol, 
bromonaphthalene, or bromobenzene to form a stiff paste), pyrolytic graphite (a high density 
and highly-oriented form of graphite), spectroscopic-grade graphite (usually impregnated 
with ceresin or paraffin wax) and graphite dispersed in epoxy resin or silicone rubber.
5, 11
 The 
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two most common versions used are the carbon paste electrodes and the glassy carbon 
electrodes, though pyrolytic graphite electrodes have also found some applications despite 
its poor electrocatalytic properties which can be enhanced by anodic oxidation.
5, 16 Attempts 
to use carbon-nanotube electrodes have also been proposed.
5  
 
The carbon paste electrode is suitable for use in aqueous solution as it has a wide 
potential range and a low background current. Carbon paste had a lower residual current 
leading to higher signal-to-noise ratios and correspondingly higher detection limits compared 
to glassy carbon. It is prepared by mixing finely ground carbon with mineral oil. Usually, 15 g 
of ground carbon is mixed with 9 mL of Nujol.
5
 The homogeneous paste obtained can be 
shaped into small discs. The disc is then placed on the tip of a small glass tube and the 
electrical contact is made through a conducting metallic thread such as copper or more 
preferably, platinum. The composition of the carbon paste electrode determines its 
response. The higher the percentage of organic binder in the paste, the lower the residual 
current. However, a larger percentage of organic binder leads to lower electrocatalytic 
activity. In addition, carbon paste electrodes are not amenable to reductive detection due to 
the high residual current arising from the presence of oxygen in the paste.
16
 
 
 The glassy carbon electrode is a patented material.
5
 It is particularly suitable for use 
in non-aqueous solvents
23
 and in the determination of trace metals in stripping voltammetry. 
Glassy carbon is also widely used when a chemically inert electrode is needed which does 
not possess the catalytic power of platinum. One of the greatest advantages of glassy 
carbon is its inertness despite high electrocatalytic activity. The electrode can be used over 
extended periods of time with a reasonably constant response under normal conditions of 
use. The main properties of glassy carbon are that it is isotropic and obtainable in a pure 
state, resistant to chemical attack, impermeable to gases and has a high electrical 
conductivity.
5, 11
  
 
Glassy carbon actually has many properties in common with pyrolytic graphite but it 
does not need to be oriented like pyrolytic graphite.5 In contrast to pyrolytic graphite which 
has a highly-ordered graphitic structure, glassy carbon has been described as consisting of 
packets of randomly-oriented graphite-like structures. The extreme hardness and strength is 
attributed to tetrahedral cross linkages between the hexagonal layers. Some of the cited 
advantages of glassy carbon relative to platinum are that glassy carbon is cheaper, can be 
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pre-treated by polishing with metallographic paper, has a larger overpotential for the 
production of hydrogen and dissolved oxygen and increased reversibility for several redox 
couples and reactions that involve subsequent proton transfer.
11
 
 
However, there are also some disadvantages of glassy carbon when compared to 
platinum. Platinum has a high residual current in 1 mol dm
-3
 sulphuric acid and is roughened 
as a result of re-crystallisation at high current densities.
11
 Hence, it is possible that the use of 
different electrode materials as shown in Fig. 1.7, leads to different degrees of reversibility in 
redox processes. Therefore, if voltammograms which depart significantly from 
electrochemical reversibility are obtained, it would be advisable to use electrodes of different 
materials in order to confirm that the effect is really due to the slow rate of the electron 
transfer of the species under study and not from surface phenomena related to the type of 
electrode material.
5
 The glassy carbon electrode was chosen in subsequent work as the 
redox peaks of uranium were appearing at very negative potentials up to -1.5 V and hence, 
this electrode was much suitable due to its larger window at negative potentials. 
 
The surface of a carbon electrode needs to be polished quite frequently. Kuwana et 
al.
24-26
 have done an extensive study on the effects of electrode pre-treatment on the 
responses of glassy carbon electrodes. Some procedures that have been used included 
vacuum heating
24
 and polishing using polishing agents.
26
 Kazee et al.
25
 have shown that a 
freshly polished glassy carbon surface has a thin carbon-particle layer on the surface that 
has a significant influence on electrocatalytic properties. One of the effects of 
electrochemical pre-treatment was assumed to be the removal of this particular layer. 
Kamau et al.
27
 have applied electrochemical pre-treatment to both the carbon paste and 
glassy carbon electrodes where in the case of the carbon paste, the effect of the pre-
treatment was short-lived owing to the deterioration of the electrode. Wang and Peng
30  
reported that the pre-treatment of a glassy carbon electrode could be used to enhance 
detection limits and improve reproducibility.  
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Figure 1.7: Picture shows (from right) glassy carbon, platinum, gold and silver solid rotating 
disc working electrodes, where the electrode tips are available in different sizes of 3 mm and 
5 mm in diameter typically; and the operational temperature range is from 0 to 40 
o
C. (Figure 
reprinted from Metrohm Autolab B. V., 2010.)
31
 
 
 
 
1.3.4.3 Counter/Auxiliary Electrodes 
 
The current required to sustain the electron transfer process at the working electrode 
is provided by the counter or auxiliary electrode, sometimes also known as the secondary 
electrode. This arrangement will prevent the reference electrode from being subjected to 
large currents that could change its electrode potential.  The counter electrode achieves this 
current by swinging to extreme potentials at the edges of the solvent window, where it 
oxidises or reduces the supporting electrolyte or solvent.  
 
In voltammetric techniques, the counter electrode which is placed directly into the 
test solution is typically a platinum wire.
23, 32
 The counter electrodes can also be made of 
other inert materials like gold and carbon. Nevertheless, in principle, the counter electrode 
can be made of any material using any desired electrode geometry, since its electrochemical 
reactivity does not affect the behaviour of the working electrode, which is the main electrode 
of interest.
5
 To ensure that this is the case, the counter electrode needs to be placed in a 
way such that its activity does not generate electro-active substances that can reach the 
working electrode and interfere with the reaction under study. As an example, the counter 
electrode may be placed in a separate compartment containing an electrolyte solution that is 
in contact with the main test solution via a glass frit. However, in most cases, the counter 
can be placed right in the test solution along with the reference and working electrodes. 
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The common platinum wire (Fig. 1.8) provides a surface for a redox reaction to 
balance the reaction occurring at the surface of the working electrode. The counter electrode 
does not need special care such as polishing. To support the current generated at the 
working electrode, the surface area of the counter electrode must be equal to, or larger than 
that of the working electrode. Stainless steel, copper or aluminium counter electrodes may 
work in non-corrosive solutions where metal cation interference is not a concern. If the 
electrochemical cell is made of metal, then the cell itself might be used as a counter. 
 
 
 
Figure 1.8: Platinum wire counter electrodes. (Figure reprinted from BASi, 2010.)
33
 
 
 
In bulk electrolysis (electrosynthetic) experiments, the counter electrode is placed in 
a compartment separated from the solution under study. This means that the counter 
electrode needs to be isolated from the working electrode. This is to prevent the products of 
the reactions at the counter electrode from diffusing to the working electrode that may 
interfere with the reaction occurring at the working electrode.  
 
In electroanalytical experiments such as cyclic voltammetry, the electron transfer 
reaction is very fast. The short time scale of the experiment does not allow this type of 
diffusion to cause any significant interference. Hence, it is not a requirement to place the 
counter electrode in a separate compartment. However, electrosynthesis experiments occur 
on a typically longer time scale and therefore, separation of the counter electrode is 
essential. 
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1.3.4.4 Reference Electrodes 
 
A reference electrode is an electrode which has a stable and well-known electrode 
potential. The high stability of the electrode potential is usually reached by employing a 
redox system with constant (buffered or saturated) concentrations of each participants of the 
redox reaction.
12
 The major requirement for a reference electrode is that the electrode 
potential is stable with time. The passage of current through an electrode can change the 
electrode potential. Its potential should return to its initial value after small currents are 
passed through the reference electrode, i.e. no hysteresis effects.
11
  
 
However, such effects on the reference electrode in a three-electrode system can be 
minimised by having a high input impedance for the reference electrode which will then 
decrease the current passing through the reference electrode to negligible levels. Another 
option would be to use a non-polarisable electrode as the reference electrode, i.e. the 
passage of small currents will not alter the electrode potential very much.
8
 
 
The ideal reference electrode should also be reversible and obey the Nernst equation 
with respect to the electro-active species in the electrolyte. If the reference electrode is the 
“electrode of the second kind”, e.g. silver/silver chloride electrode, then the solid phase must 
not be appreciably soluble in the electrolyte.
11
 A good reference electrode should also show 
low hysteresis with temperature cycling. The reference electrode is often isolated from the 
test solution by a tube of electrolyte solution known as a salt bridge. 
 
As stated previously, reference electrodes can be classified into several types. They 
are the “electrodes of the first kind” (a metallic or soluble phase in equilibrium with its ion), 
“electrodes of the second kind” (a metallic phase in equilibrium with its sparingly soluble 
metal salt), “electrodes of the third kind”, metal-gas-ion electrode, ion-selective electrodes 
(ISEs), redox electrodes and so on.
11
 Some reference electrodes typically used include the 
standard hydrogen reference electrode, the silver/silver chloride reference electrode and the 
mercury/mercurous chloride (calomel) reference electrode (also known as the saturated 
calomel reference electrode).  
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Even though the hydrogen electrode is the best known and internationally accepted 
reference electrode, it is difficult to construct and handle, thereby rendering it of little 
practical use.
5
 The two most common reference electrodes for non-aqueous solvents are the 
saturated calomel electrode (SCE) and the silver/silver ion (Ag│Ag
+
) electrode.
5
 
 
 
1.3.4.5 Microelectrodes 
 
Microelectrodes (or ultramicroelectrodes) are electrodes which have one or more 
electrode dimensions that are reduced from the usual few millimetres to a few microns. The 
generally accepted definition seems to be that a microelectrode has at least one dimension 
of less than 100 µm typically. The differences between a common voltammetric electrode 
and a microelectrode are caused by several changing conditions of the mass transport from 
the bulk of solution towards the electrode.
34
 
 
The most popular and perhaps the simplest microelectrode is the microdisc 
electrode, which can be made by sealing a fine wire or a carbon fibre (< 1 mm in length) in 
glass or plastic and polishing the end to acquire a smooth surface. Epoxy resins that are 
most often used for sealing must be carefully selected so that they are sufficiently chemically 
resistant and non-contaminating. After mechanical polishing, chemical or electrochemical 
conditioning of the microelectrodes is required. The most common procedure is usually 
electrochemical activation by potential cycling within a suitable potential range and in a 
suitable simple inorganic electrolyte usually. These microelectrodes are available 
commercially in gold, platinum and graphite with radii as small as 0.6 µm.  
 
The microband is another popular geometry for the microelectrode. This may be 
fabricated in an analogous way to the microdisc, i.e. by sealing a thin layer of foil between 
two blocks and polishing the edge. Microbands may also be produced by lithography 
(deposition of a thin film of metal onto a masked silicon wafer). This method produces 
electrodes which are slightly elevated above the insulator on which they are deposited. 
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Microelectrodes have some useful properties due to the increased importance of 
mass transport to the edges of the electrode. The diffusion to a microelectrode is convergent 
causing the current to reach a steady state. This phenomenon is described by the following 
equation: 
 
                                                 Ilim = 4 nFD [C]bulk r                                                     (7) 
 
 
where Ilim = the diffusion limited current in Amperes (A) 
             r = the radius of the disk in cm 
 
The rate of mass transport to or from the electrode surface increases with decreasing 
electrode size. Hence, microelectrodes can be used to study fast chemical reactions.  
 
The advantages of microelectrodes in electroanalytical chemistry are they give a 
decreased ohmic drop of potential, IR, due to low measured currents, fast establishment of a 
steady-state signal for a faradaic process as the charging current is suppressed, a current 
response increase due to enhanced mass transport at the electrode boundary and increased 
signal-to-noise ratio when a single microelectrode performs under steady-state conditions.
34
 
The faradaic-to-charging current ratio, IF / IC, is improved, as the charging current decreases 
in proportion to the decreasing area of the electrode while the steady-state faradaic current 
is proportional to its characteristic dimension. Hence IF / IC  ratio increases with the reciprocal 
of the characteristic dimension.
34
 The small size of a microelectrode also permits 
measurements on very limited solution volumes. 
 
 Steady-state measurements at a microdisc electrode allow mechanistic information 
to be recorded on a sub-millisecond time scale. When the size of a disc electrode is reduced 
from millimetres to microns in dimensions, the current will initially be proportional to the 
electrode area while the resistance is proportional to the radius of the electrode. Therefore, 
the ohmic (IR) drop decreases with radius until about 10 µm, where due to edge effects, the 
current then becomes proportional to the electrode radius and the IR drop becomes 
independent of the electrode size. 
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Moreover, voltammetry may be conducted at steady-state where the current and 
hence the ohmic drop is lower than that obtained with a transient method. This means that 
microelectrodes can be used to perform electrochemistry in highly-resistive organic solvents 
such as undiluted organic liquid compounds and organic solvents, poly(electrolytes) or 
colloids. Since the charging current of a microelectrode is small due to the small surface 
area, microelectrodes can therefore be used to perform potential sweep experiments like 
cyclic voltammetry at higher scan rates. The small size of microelectrodes allows some 
novel applications such as in-vivo electroanalysis on biological samples. Other applications 
based on their typical characteristics discussed above include the study of electrochemical 
reaction mechanisms and kinetics, analytical sensing, detection in flowing liquids and in 
scanning electrochemical microscopy (SECM) for imaging redox centres present in thin solid 
films.  
 
The application of microelectrodes relevant to this work is trace electrochemical 
analysis. This primarily makes use of the improved IF / IC ratio which leads to an 
improvement in the limits of detection. The wide range of solvents available also extends the 
applicability in trace analysis. The small IR drop sometimes permits measurements on 
samples of low salt concentrations, e.g. in natural waters, or in the absence of supporting 
electrolyte solutions.
34
 This greatly facilitates speciation and improves the reliability of 
determinations. 
 
Development of microelectrode systems can be expected in the near future, 
especially an improvement in the microelectrode fabrication, with an emphasis on 
microelectronics technologies. An improvement in the construction of multipotentiostat 
circuitry permitting the construction of efficient multichannel cells with individually addressed 
working electrodes for application to High Performance Liquid Chromatography (HPLC) and 
Capillary Electrophoresis (CE) detection and to trace analyses of complex samples 
employing chemometric procedures can be expected. Further developments for sensors, in 
particular multichannel sensors may also be possible.
34
  
 
 
 
 
 
56 
 
1.4 VOLTAMMETRY OF URANIUM 
 
1.4.1 Oxidation States of Uranium 
 
Uranium is a redox-sensitive element and its chemical properties depend 
considerably on pH and oxidation state, which could be U(III) (in the form of U
3+
), U(IV) (in 
the form of U
4+
), U(V) (in the form of UO2
+ but unstable in aqueous solution) or U(VI) (in the 
form of UO2
2+
). The salts of all four oxidation states of uranium are water-soluble and may be 
studied in aqueous solution. A few solid and semi-metallic compounds such as UO and US 
exist for the formal oxidation state U(II), but no simple ions are known to exist in solution for 
that state. The ions of U
3+
 liberate hydrogen from water and are considered to be very 
unstable.  The presence of each state depends on both the Eh and pH of the solution as 
shown in Fig. 1.9, which is a Pourbaix (Eh – pH) diagram based on the electrochemical 
(reduction potential) and thermodynamic equations for each oxidation state. 
 
These redox equations and thermodynamic constants can both be related to the 
Gibbs free energy changes involved in the reduction and formation of species and solid 
phases. The standard reduction potential can be related to both the Gibbs free energy of the 
system and the formation constant using the following equation. 
 
                             E
o
 = - ΔG
o
 / nF = RT / nF * ln K                                                     (8) 
 
 
where G
o
 = Gibbs free energy 
           E
o
= the standard electrode potential in V 
           K = the equilibrium constant 
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Figure 1.9: Eh – pH predominance diagram of uranium. (Figure reprinted from M. Sutton, 
1999.)
35
 
 
 
 
From Fig. 1.9 above, the unhydrolysed species are considered, but the limits of the 
species domain encompass both the hydrolysed and unhydrolysed species. Aqueous 
uranium complexes in the lowest oxidation state of U(III) are unstable in water and will yield 
hydrogen gas in its re-oxidation to U(IV) because U(III) is a very strong reducing agent. U(V) 
complexes are the least stable oxidation state of aqueous uranium and at above ca. pH 3, 
U(V) will undergo disproportionation to form aqueous U(IV) and U(VI) species.  
 
U(V) complexes can however still be produced by careful manipulation of the pH and 
Eh in polarographic and cyclic voltammetry experiments during which the reduction of U(VI) 
forms U(V). At a pH range of ca. 2.5 to 3, the rate of disproportionation of U(V) is slow and 
therefore the U(V) complexes can be isolated by rapid precipitation. The U(IV) and U(VI) 
oxidation states are the most stable and are likely to be produced in the environment, where 
U(VI) dominates under oxic conditions. 
 
Uranium is very reactive and therefore readily forms different complexes. The 
oxygen-containing uranium compounds and the uranyl ion can combine easily with several 
anions such as Cl
-
, NO3
-
, SO4
2-
, and CO3
2- (which is investigated in this project). The U(VI) 
pH 
E h
, V
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state is represented by the UO2
2+ ion and is known to form compounds such as uranyl 
carbonate, uranyl chloride and uranyl sulphate. The UO2
2+ 
ion is almost always a linear entity 
and may also complex with various organic chelating agents where the most common 
complex formed is uranyl acetate as shown in Fig. 1.10 below. In aerated aqueous solutions 
at pH ≤ 2.5, the uranyl ion is very stable while at near-neutral conditions (~ pH 7), the uranyl 
ion forms stable complexes with phosphate and carbonate as shown in Figs. 1.11 and 1.12 
respectively.
36
  However, emphasis will be placed on uranyl carbonate (Section 1.5.2) as this 
complex is likely to be present in subsequent experiments described in this thesis. 
 
 
 
Figure 1.10: Uranyl acetate (Figure reprinted from ChemNet, 2013.)
37
  
                       
 
Figure 1.11: Uranyl hydrogenphosphate (Figure reprinted from The Database and Ontology 
of Chemical Entities of Biological Interest, 2007.)
38
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Figure 1.12: The linear structure of the uranyl ion, UO2
2+
 (left) and the predicted structure of 
the uranyl ion in the ocean, coordinated or complexed to the carbonate ions, CO3
2-
.(right) 
(Figure reprinted from C. Gorin, 2010.)
39
 
 
 
Uranium is easily oxidisable and in the air, it becomes coated with a layer of oxide. 
Hence, in nature, uranium mainly occurs in oxidised forms. Uranium can exist in five 
oxidation states, i.e. +2, +3, +4, +5, and +6. However, only the U(IV) and U(VI) are stable 
enough to be of practical importance. The most common oxidation state in an oxic 
environment is U(VI). The variety of accessible oxidation states for uranium in aqueous 
solutions makes its chemistry rather complex. Tetravalent uranium is fairly stable and forms 
hydroxides, hydrated fluorides and phosphates of low solubility. Hexavalent uranium on the 
other hand is the most stable state and the most commonly occurring form is U3O8. The 
major complexes of uranium include oxides, fluorides, carbides, nitrates, chlorides, acetates, 
and many others.
36
 There are about 200 U(VI) minerals in contrast to a limited number of 
U(IV) minerals, of which most are oxides.
40
 
 
Humic acids have a strong affinity towards uranium and spectroscopic studies have 
indicated that humic acids bind to uranium in the U(VI) state.
36
 U(VI) can complex with humic 
acids which are associated with peat under acidic to alkaline pH conditions. Subsequently, 
this may retard the migration of U(VI) by adsorption of the U(VI)-humic acid complex onto 
aquifer material. On the other hand, uranium sulphate and carbonate complexes are soluble 
and therefore migrate with the groundwater.  Uranium mine water samples from Germany 
have been investigated and results show that uranium speciation strongly depends on their 
pH values.
36
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Since the U(VI) aqueous complexes are stable, uranium is a relatively mobile 
element in the near-surface zone. It may be precipitated by reduction of U(VI) to U(IV) in the 
form of uranium minerals, such as phosphates, silicates, arsenates, vanadates and 
oxyhydroxides, where several of these minerals may occur simultaneously in the same 
locality. The amount of uranium released to groundwaters or surface waters from these 
secondary sources depends on the solubility and the dissolution rate of the phases as a 
function of pH and water composition.
36
 Hence, information on the solubility of uranium 
compounds is important because of the potential migration of these compounds in the 
environment. 
 
 
1.4.2 Cyclic Voltammetry of Uranium 
 
Uranium commonly exists in the environment as either the U(VI) or U(IV) oxidation 
state. The oxidation state affects the rate of migration of the uranium species through soil 
and other porous geologic media. The migration behaviour of uranium provides information 
to assess the safety of their geological disposal. Uranium exists as oxygenated species in 
higher oxidation states of +6 and +5 in solution, which are UO2
2+
 and UO2
+
, respectively.  
 
The most stable chemical species of uranium in an aqueous solution under oxic or 
suboxic conditions is the uranyl ion (UO2
2+
). The reduced U(IV) species is only sparingly 
soluble and relatively immobile in the terrestrial environment. Uranyl has been reported to 
combine with organic ligands such as soil humic substances, acetate, malonate, oxalate and 
citrate.
23, 41
 Therefore it is vital to understand the various chemical species of uranium to 
determine the long-term stability and potential leaching behaviour of uranium in complex 
natural geochemical environments.  
 
The electrochemistry of uranium has been widely studied in aqueous solution.23 The 
standard potential for the UO2
2+
/U
4+
 redox couple 
 
             UO2
2+ 
(aq) + 4H
+
(aq) + 2e-   U
4+ 
(aq)  + 2H2O (l)                                   (9) 
 
is an important thermodynamic quantity. Nevertheless, its value is not precisely known. The 
standard potential is a critical value for all thermodynamic databases for uranium and also 
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for practical applications like the modelling of the mobility of uranium in natural waters.42 This 
is strongly dependent on the redox state of uranium. The standard potential of uranium can 
also be used to calculate other thermodynamic quantities such as the standard free energy 
of formation of U
4+
.  
 
Some work has been done to determine the redox potential of uranium at pH = 0, 8 
and 14 as reported in Fig. 1.13. Lower oxidation states of uranium are generally stabilised by 
more acidic conditions while higher oxidation states of uranium are generally stabilised in 
more basic solutions. 
 
 
 
Figure 1.13: Redox potential diagram of uranium showing the four oxidation states of 
uranium, where the reduction potentials listed are for (from top to bottom) pH = 0, 8 and 14 
respectively. (Figure reproduced from G. Choppin, J. –O. Liljenzin and B. Lagerman, 
2002.)
43
 
 
 
 
From Figure 1.13 above, it can be seen that the pH of the uranium solution (pH = 0, 8 
or 14) affects its redox behaviour significantly. U(IV) does not react with water but is oxidised 
by oxygen to U(VI) under oxic conditions.  The stability of U(V) increases with pH and forms 
UO2
+ ions in solution. In addition, Bruno et al.
42
 tabulated the formal potentials of the 
UO2
2+
/U
4+ redox couple in media of various compositions at 25 
o
C on the normal hydrogen 
electrode scale (see Table 1.1). The formal electrode potential is similar to the standard 
electrode potential except that both the oxidised and reduced species are present in activity 
units instead of concentration units. The activity, a, is equal to the concentration of the 
species, c, multiplied by its activity coefficient, γ, i.e. a = c x γ. 
 
pH = 0 
pH = 14 
pH = 8 
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Table 1.1: The formal potentials, E’, of the  UO2
2+
/U
4+  redox couple in various media of 
different ionic strengths. (Data reproduced from  J. Bruno, I. Grenthe and B. Lagerman, 
1990.)
42 
Author(s) Year Medium E’/mV 
Luther, Michie 1908 0.05-0.5 M H2SO4 (at 20 
o
C) 419±1 
Tittlestadt 1910 0.05-0.5 M H2SO4 (at 20 
o
C) 420 
Khlopin, Gurevich 1943 0.05-0.5 M H2SO4 420 
Taylor, Smith 1944 0.2-2 M HCl 322-337 
Kraus, Nelson 1949 → 1 M HCl 310±30 
Gurevich 1957 → 0 (in sulphate media) 407 
Sobkowski, Minc 1960 → 0 329 
Sobkowski 1961 → 0 328.8 
Grenthe, Varfeldt 1969 4 M (NaClO4, HClO4) 348 
Stabrovskii 1971 0.1-1.1 M Cl
- 304-344 
Nikolaeva 1973 → 0 273 
Gorong et al. 1985 → 0 (at 30 
o
C) 330 
Bruno et al. 1985 → 0 260±3 
Note: (→ 0) means data have been extrapolated to zero, i.e. infinite dilution. The formal 
potential, E’, is related to the potential of a cell reaction, Ecell, by an equation analogous to 
that relating Ecell to the standard potential, E
o
, with the activity, ai , replaced by any 
composition variable, ci. 
 
 
Capdevila and Vitorge32 measured the redox potentials of two uranium redox couples 
at 25 
o
C in acidic medium (HClO4, 1M) using cyclic voltammetry, employing a hanging 
mercury drop working electrode and a platinum counter electrode. They reported E(UO2
2+
/ 
UO2
+
) = + 60 ± 4 mV versus the normal hydrogen electrode (NHE) (which is the potential of 
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a platinum electrode in 1 N acid solution) and E(U
4+
/U
3+
) = -630 ± 4 mV versus the NHE. The 
authors also observed that the variation of the redox potentials of the couples (UO2
2+
/ UO2
+
, 
U
4+
/U
3+
, and UO2(CO3)3
4-
/UO2(CO3)3
5-
) with temperature (5 to 55 
o
C), measured against the 
Ag/AgCl electrode were linear. However, the U(VI)/U(V) couple was less sensitive to 
temperature than the U(IV)/U(III) couple. 
 
Capdevila and Vitorge
32
 used both acidic and carbonate media. They noted that 
Specific Ion Interaction (SIT) theory was able to model the activity of the uranium cations 
with reasonable precision except maybe for the highly-charged tetravalent cations. There 
was however, little experimental evidence that SIT could be used in the carbonate medium 
to determine the standard potential of anions at zero ionic strength. 
 
U(VI) has been shown by Bruno et al.
44
 to be the stable oxidation state of uranium in 
carbonate medium under oxidising conditions. When the redox potentials of the carbonate-
containing solutions were gradually decreased, U(VI) was reduced to U(V) or U(IV) 
depending on the pH of the solution. When the pH of the solution was between 9 and 11, all 
the three oxidations states of uranium would coexist according to the following equilibrium: 
 
2UO2(CO3)3
5- 
(aq)
 
+ 4HCO3
- 
(aq)  UO2(CO3)3
4- 
(aq) + U(CO3)5
6- 
(aq) + 2CO3
2- 
(aq)        
 
(10) 
 
At 8 < pH < 9, the authors assumed that the reduction of U(V) would result in U(IV) 
carbonate species only. This condition is important in groundwater systems under reducing 
conditions. 
 
Suzuki et al.
23
 examined the electrochemical redox reactions of UO2
2+
, i.e. U(VI), in 
perchlorate and organic acid solutions including oxalic, malonic, succinic, adipic, L-malic and 
L-tartaric acids using cyclic voltammetry and investigated the effects of complex formation 
with organic acids on the redox behaviour of uranium in terms of the stability constants of the 
complexes. In the perchlorate and organic acid solutions, a redox reaction of U(VI)/U(V), i.e. 
UO2
2+
/ UO2
+
, and an oxidation reaction of U(IV) to U(VI), which was produced by the 
disproportionation of U(V) could be seen.  The disproportionation reaction is as shown: 
 
      2UO2
+ 
(aq) + 4H
+ 
(aq) → UO2
2+ 
(aq) + U
4+ 
(aq) + 2H2O (l)                                  (11) 
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The U(V) species is only fairly stable in only a narrow pH range of 2 to 4 where in this 
case, the disproportionation of U(V) to (IV) and U(VI) would be quite slow. However, in order 
to fill the gaps in the literature which is of relevance to the nuclear industry, work is needed 
at high pH conditions, i.e. the alkaline range using ligands such as EDTA and picolinic acid, 
which are ligands relevant to GDFs and the nuclear fuel cycle (NFC), to study the redox 
behaviour of UO2
2+
. These studies would be used to deduce thermodynamic data such as 
the standard formal potentials of the various uranium redox couples e.g. U(VI)/U(V), 
U(V)/U(IV) and U(IV)/U(III). 
 
Nevertheless, reduction behaviours of UO2
2+ in the presence of organic and inorganic 
ligands were shown to be different from a non-ligand system. The redox potential for the 
U(VI)/U(V) redox couple was constant at pH 1 to 2 and 5 to 6 in the presence of malonic acid 
but the potential decreased in the pH range of 2 to 5.
23
 The redox potential of the uranium 
couple was independent of malonic acid concentration at 0.1 to 0.5 mol dm
-3
 but increased 
with an increase in the acid concentration from 0.005 to 0.1 mol dm
-3
.
23
  
 
The redox reactions of UO2
2+
-malonate complexes and UO2
2+
-oxalate complexes 
were determined as a function of pH and organic acid concentration using experimental and 
speciation calculation results. Solutions containing malonic acid or oxalic acid produced 
reversible redox reactions while in solutions containing succinic, adipic, L-malic or L-tartaric 
acids, only the reduction of U(VI) to U(V) could be seen. In addition, a peak attributable to 
the oxidation of U(IV) to U(VI) produced from the disproportionation of U(V) could be seen in 
the previous cases, while in the latter cases, no such peak was observed due to the fast 
disproportionation of UO2
+
.
23
 
 
Zanello and Cinquantini
45
 studied the reduction of the U(VI) ion at platinum and/or 
mercury microelectrodes in various non-aqueous media by cyclic voltammetry. Reproducible 
voltammetric responses were obtained in dimethyl sulphoxide (DMSO), N,N-
dimethylformamide (DMF), acetic anhydride, pyridine, morpholine and ethylenediamine 
solvents.  All the uranyl compounds used were soluble in both DMSO and DMF. In contrast, 
the work described subsequently in this report was carried out in aqueous media.  
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1.5 COMPLEXATION OF URANIUM 
 
1.5.1 The Carbonate System 
 
Natural waters contain a variety of weak acids and bases, which include the major 
elements present in living organisms. The most important of these is carbon in the form of 
CO2, HCO3
-
 and CO3
2-
. The carbonate system is the major course of buffering in the ocean. 
The most important parameter of water composition is its alkalinity. The alkalinity affects the 
degree to which waters are buffered against changes in the pH and it also has some 
influence on the complexing of certain cations.
46 
 
In aqueous solution, the carbonate system represents the set of species produced by 
the following equilibria: 
 
                  H2CO3 (aq)   HCO3
- 
(aq)   CO3
2- (aq)                                                            (12) 
 
Sodium bicarbonate and sodium carbonate correspond to the titration of H2CO3 to its first 
and second equivalence points.  
 
The atmosphere contains 0.0535 x 10
18
 moles of carbon in the form of CO2 as of 
year 1999. The volume percentage of CO2 in dry air is 0.032 %, leading to a partial pressure 
of 3 x 10
-4
 (10
-3.5
) atm.
46
 Experiments in this thesis will assume the presence of atmosphere-
equilibrated carbonate where necessary at a partial pressure of 10
-3.5 
atm. In pure water, 
CO2 is slightly soluble and as with all gases, the solubility decreases with temperature as 
shown in Table 1.2 below. 
 
 
Table 1.2: The solubility of CO2 at different temperatures. (Data obtained from S. K. Lower, 
1999.)
46
 
Temperature/ 
o
C 0 4 10 20 
Solubility/ mol L
-1 0.077 0.066 0.054 0.039 
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At pressures of up to about 5 atm, the solubility of CO2 follows Henry’s Law: 
 
                                                     [CO2] = KH PCO2 = 0.032 PCO2                                          (13) 
 
where KH is Henry’s Law constant with the dimensions of pressure divided by concentration 
and is dependent on the solute, solvent and temperature. Once it has dissolved, a small 
proportion of the CO2 reacts with water to form carbonic acid: 
 
                                                        [CO2 (aq)] = 650 [H2CO3]                                             (14) 
 
H2CO3 is a diprotic acid, i.e. it has two protons, which may dissociate from the parent 
molecule. There are thus two acid dissociation constants (see Equation 19), where the first 
one is for the dissociation of H2CO3 into the bicarbonate ion, HCO3
- and the second acid 
dissociation constant is for the dissociation of the bicarbonate ion into the carbonate ion, 
CO3
2-
. In aqueous solution, H2CO3 exists in equilibrium with CO2 and the concentration of 
H2CO3 is much lower than the concentration of CO2. In many analyses,
47
 H2CO3 includes 
dissolved CO2, usually referred to as CO2 (aq). 
 
 “Dissolved CO2” therefore consists mostly of the hydrated oxide CO2 (aq) together 
with a small amount of H2CO3. When it is necessary to distinguish between “true” H2CO3 and 
the aqueous equilibrium mixture containing both species, the latter is designated as H2CO3
*
. 
Water exposed to the atmosphere with PCO2 = 10
-3.5
 will take up CO2 (see Eq. 10), until: 
 
                                        [H2CO3
*
] = 10
-1.5 x 10
-3.5 = 10
-5
 mol dm
-3                                                          (15) 
 
The following equilibria are established in any carbonate-containing solution: 
 
                       CT = [H2CO3
*
] + [HCO3
- 
] + [CO3
2- 
] (mass balance)                           (16) 
 
                   [H
+
] - [HCO3
- 
] - 2[CO3
2- 
] – [OH
- 
] = 0 (charge balance)                         (17) 
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The inter-conversion between CO2 and H2CO3, which involves a change in the 
hybridisation of the carbon atom, is relatively slow.
46
 A graph showing the inter-conversions 
between the three carbonate species as a function of pH and concentrations is displayed in 
Fig. 1.14. 
 
 
 
Figure 1.14: Graph of log concentrations of CO2, HCO3
-
 and H2CO3 as functions of pH. 
(Figure reproduced from S. K. Lower, 1999.)
46
 
 
 
 
The carbonate ion, CO3
2-
, is the conjugate base of the weak acid (bicarbonate ion), 
HCO3
- (K = 10
-10.7
), and hence this solution will be alkaline.
46
 Except in very dilute solutions, 
the pH should be sufficiently high to preclude the formation of any significant amount of 
carbonic acid, H2CO3. A solution of a monoprotic weak base is therefore formed: 
 
             CO3
2- 
(aq) + H2O (l) 
  OH
- 
(aq) + HCO3
- 
(aq) 
                                        (18)     
 
The concentrations of the various carbonate species depend on the pH of the 
solution. If a carbonate-containing solution has been made alkaline, then the equilibrium 
 
   H2CO3
*
 (pKa1 = 6.367)
47
  HCO3
- 
(aq)  (pKa2 = 10.329)
47
 
   CO3
2- 
(aq) 
                           (19)  
pH of [HCO3
- 
] solution 
pH  
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will be shifted to the right. The larger the value of pKa, the smaller the extent of dissociation, 
i.e. a weaker acid is present. Although pKa1 is quoted as the dissociation constant of                 
H2CO3, it is preferred to refer to it as the acidity constant of dissolved CO2, as it is particularly 
useful for calculating the pH of systems containing CO2.
47
  
 
Hence where CT = [H2CO3] = 10
-5
 mol dm
-3
, when pure water comes to equilibrium 
with the atmosphere, the total carbonate, CT (Equation 16), will exceed that of H2CO3
*
, the 
pH of the solution is high enough to promote the formation of bicarbonate and carbonate 
ions.
46
 Alkaline carbonate solutions will continue to absorb CO2 until the solubility limits of 
the cation salts are reached. Fig. 1.15 below shows a log concentration-pH diagram for an 
open carbonate system for all three species in Equation 16 plus the hydrogen and hydroxide 
ions.   
 
 
 
         Figure 1.15: Log concentration as a function of pH diagram for an open carbonate 
system. (Figure reprinted from S. K. Lower, 1999.)
46 
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Point 4 corresponds to [H
+
] = [OH
- 
] + [HCO3
- 
] + 2[CO3
2- 
], point 5 corresponds to 
[Na
+
] ≈ [HCO3
-
] = 10
-5
 mol dm
-3
 and point 6 corresponds to {[Na
+
] = [HCO3
-
] = 2 x 10
-5
 mol 
dm
-3
}.
46
 The factor of two for the carbonate species in Point 4 was required because this 
substance would consume two moles of H
+
 to be restored to the H2CO3 reference level. The 
concentrations of bicarbonate and carbonate ions increased without limit (other than that 
imposed by solubility) as the pH was raised. This reflected the essentially infinite supply of 
CO2 available if the atmosphere was considered as part of the system.  
 
 
1.5.2 Uranyl Carbonates, UO2CO3 
 
Uranium (VI) like other high oxidation state actinides readily forms a dioxygen core of 
the type, AnO2
x+ 
(aq), where U(VI) forms UO2
2+ 
(aq). In the environment, this dioxide uranyl 
core readily complexes with carbonate to form charged complexes. Although uranium forms 
insoluble solids or adsorbs to mineral surfaces at alkaline pH, it is these soluble carbonate 
complexes that increase its solubility, availability and mobility with low affinities to soil. U(VI) 
generally forms a pH-dependent suite of uranyl carbonate complexes in groundwater 
solutions, including UO2(OH)2
+
, UO2(CO3)2
2-
, UO2(CO3)3
4- and UO2(CO3)(OH)3
-
.  
 
The interactions of carbonate anions with U(VI) cause the Pourbaix diagrams (Figs. 
1.16 to 1.19) to change greatly when the medium is changed from water to a carbonate 
containing solution. While the vast majority of carbonates are insoluble in water except those 
of the alkali metals, uranium carbonates are often soluble in water. This is because a U(VI) 
cation is able to bind two terminal oxides and three or more carbonates to form anionic 
complexes.  
 
The uranium fraction diagram in the absence of carbonate illustrates this further as 
shown in Fig. 1.17. When the pH of a U(VI) solution increases, the uranium is converted to a 
hydrated uranium oxide hydroxide, UO2(OH)2.H2O at ca. pH 5 to ca. pH 10.5. At high pH of > 
8, it starts to form an anionic hydroxide complex, UO2(OH)3
-
. This anionic complex achieves 
its highest concentration at ca. pH of > 10.  
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Figure 1.16: Pourbaix diagram of uranium in a non-complexing aqueous medium such as 
perchloric acid/sodium hydroxide. (Figure reprinted from L. R. Morss, N. M. Edelstein and J. 
E. Fuger, 2006.)
48
 
 
 
Figure 1.17: Uranium fraction diagram in the absence of carbonate of the relative 
concentrations of the different chemical forms of uranium in a non-complexing aqueous 
medium such as perchloric acid/sodium hydroxide. (Figure reprinted from L. R. Morss, N. M. 
Edelstein and J. E. Fuger, 2006.)
48
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When carbonate is added to the UO2
2+
 solution, the uranium is converted to a series 
of carbonate complexes, UO2CO3 (maximum concentration at ca. pH 5), UO2(CO3)2
2- 
(maximum concentration at ca. pH 6.5) and UO2(CO3)3
4- (maximum concentration at ca. pH 
10 to 11), when the pH of the solution is increased as seen in Figs. 1.18 and 1.19.  One 
effect of this reaction is the increased solubility of uranium in the pH range 6-8, a fact which 
has a direct bearing on the long-term stability of spent uranium (IV) dioxide, UO2, nuclear 
fuels.  
 
 
 
 
Figure 1.18: Pourbaix diagram of uranium in carbonate media. (Figure reprinted from L. R. 
Morss, N. M. Edelstein and J. E. Fuger, 2006.)
48
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Figure 1.19: Uranium fraction diagram in the presence of carbonate of the relative 
concentrations of the different chemical forms of uranium in an aqueous carbonate solution. 
(Figure reprinted from L. R. Morss, N. M. Edelstein and J. E. Fuger, 2006.)
48
 
 
 
 
 
1.5.3 Uranium Complexation  
 
 
In recent years, the understanding of the chemistry of actinide elements with a potent 
emphasis on its relevance to the environment has dramatically increased.
49
 There is a 
growing need to understand the fate and transport properties of actinides in natural aquifer 
systems. In order to understand the chemical behaviour of radionuclides in natural aquatic 
systems, a wide variety of complex geochemical processes such as sorption, 
precipitation/dissolution, redox equilibria, solubility, radiolysis, hydrolysis, humic acid 
complexation, colloid generation and the effects of other metal ions and other potential 
ligands on actinide speciation are studied.
49
 This project focuses on the complexation 
processes of one of the actinides, i.e. uranium. 
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Complexation is a dominant factor influencing actinide speciation in natural waters. 
As an example, carbonate complexation may significantly increase the solubilities of 
actinides and largely affect the sorption of actinides by altering the charge and composition 
of actinide ions in solution. The complexation strength is a measure of how effectively a 
ligand can compete with water in the coordination sphere of an actinide ion.
49 Actinide ions 
are “hard” acids and consequently form strong complexes with highly ionic, “hard” ligands, 
such as carbonate ion and hydroxide ions. The relative tendency of actinide to form 
complexes generally follows the trend: An(IV) > An(III) ≈ AnO2
2+
 > AnO2
+
.
49
 A detailed 
understanding of the chemical equilibria and the formation constants that correspond to 
actinide species will allow for thermodynamic modelling to predict radionuclide speciation 
and solubility in differing aqueous environments.
49
 
 
Uranium is of long-term environmental concern on the basis of nuclear properties, 
availability and distribution. The vast majority of transuranic elements are produced in 
commercial nuclear reactors from uranium-based fuels. The majority of the spent fuel and its 
daughter products are expected to be stored in deep geological repositories. The principal 
mechanism for the migration of transuranic elements away from a repository is expected to 
be by the action of water and hence the chemistry of transuranic elements under natural 
aquatic conditions is of primary concern.
49
  
 
 
1.5.3.1 Uranium Carbonate Complexes  
 
Carbonate is an important constituent of natural waters and a strong complexant for 
U(VI). Carbonate complexation of U(VI) is among the most important reactions of uranium 
under natural conditions. After hydroxide complexation, carbonate complexation is the most 
intensely reported in the literature, mainly because of the importance of carbonate in the 
environment and the highly favourable formation of uranyl carbonato complexes.
35
 Reviews 
by Newton and Sullivan
50
 and Allard
51
 have provided a good understanding of carbonate 
complexation. 
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 A considerable number of single crystal structure determinations of U(VI) 
coordination compounds containing the [UO2(CO3)3]
4-
 group have been reported with 
different degrees of precision.
52
 Carbonate and bicarbonate are present in significant 
concentrations in many natural waters and are exceptionally strong complexing agents for 
actinide ions. Their concentration varies with the nature of the surrounding rock, but the 
mean value exceeds 10
-3
 mol dm
-3
 in limestones as an example.
53
  
 
Menard
54
 observed in his experiments using oxidising media that over 50 % of 
uranium would enter the aqueous medium in carbonate solutions. This would inevitably raise 
a major problem in the case of a geological nuclear waste repository. Natural ground water 
is however, often reducing.
55
 Hence, in reducing media, uranium was found at its valence 
form in the form of U
4+
 in solution and able to precipitate.
56-58
 
 
Carbonate complexes of actinide ions may therefore play an important role in 
migration from a nuclear waste repository or in accidental site contamination.
49
 The potential 
for aquatic transport of actinides as a result of carbonate complexation was reflected in the 
formation of naturally-occurring uranyl carbonate minerals such as rutherfordine, UO2CO3, 
liebigite, Ca2[UO2-(CO3)3].10-11H2O and andersonite, Na2Ca[UO2-(CO3)3].6H2O.
49
 
Carbonate was the common anion found in these minerals and this showed that carbonate is 
important as it is involved in the dissolution; precipitation and transportation of the minerals. 
 
The solubility of uranyl minerals controls the transport and the distribution of uranium 
in many oxidising environments, geologic repositories and in a range of contaminated and 
natural settings.
40
 Uranyl minerals form as secondary phases within uranium deposits and 
they also represent important sinks for uranium and other radionuclides in nuclear waste 
repository environments and at sites of uranium groundwater contamination. The mobility 
and the ultimate distribution of uranium in these environments is heavily affected by the 
solubility of the important uranyl minerals present.
40
 The solubilities and the relative 
stabilities of these uranyl minerals must therefore be determined in order to understand the 
fate and the transport of uranium in natural and contaminated conditions.  
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As an example, the uranyl tricarbonate species, UO2(CO3)3
4-
, is extremely stable and 
soluble in aqueous solution.
40
 If these solutions became concentrated however, i.e. due to 
evaporation, a range of uranyl carbonate minerals could form, the specific identity of which is 
a function primarily of the concentration of other ions in solution. These minerals might not 
be dominant in repository conditions but were commonly found in mining environments as 
the oxidised products of uranium ore. The extreme solubility of these minerals as compared 
to uranyl oxide hydrates and uranyl silicates could make them act as transitional phases in 
the alteration that could occur as uraninite oxidised and uranium became soluble.
40
 
 
The solubility of uranyl minerals could be described using the standard state Gibbs 
free energies of formation.
40
 These models of the distribution and the mobility of uranium in 
the environment would hence require accurate determination of the Gibbs free energies of 
formation for a wide range of relevant uranyl minerals. Despite decades of studies, 
unfortunately, the thermodynamic properties for many environmentally-important uranyl 
minerals are still not well defined. Reliable solubility measurements and thermodynamic 
properties of the uranyl mineral phases, upon which solubilities could be calculated, are still 
lacking for many of the minerals. 
 
Below ca. pH 4 at low uranium concentrations (< ca. 10 mmol dm
-3
), aqueous 
uranium speciation is dominated by the uncomplexed uranyl species, UO2
2+
. It could be 
safely assumed that the measured concentration of uranium in solution was equivalent to the 
concentration of the uranyl cation for solubility experiments conducted below pH 4 without a 
high concentration of uranium in solution.
40
 However, above ca. pH 4, aqueous uranyl 
hydroxide, uranyl carbonato and mixed hydroxide-carbonato complexes became more 
important than the UO2
2+
 ion (see Fig. 1.19) and must be accounted for in the calculations of 
Ksp values for experiments carried out under these pH conditions.
40
 Different studies have 
used different choices of aqueous complexation reactions to account for the speciation of 
uranium and consequently, have used different values for the equilibrium constants for those 
reactions.  Comparison of Ksp values from these studies was hence meaningless. 
     
Grenthe et al. 
59
 completed a critically reviewed thermodynamic database of aqueous 
complexation reactions and their stability constants. A number of stability constants for 
hydrolysed uranyl species were estimated due to the lack of reliable data. The 
concentrations of these hydrolysed species were negligible or could be neglected under the 
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conditions used in solubility experiments. The error associated with using the estimated 
solubility constants for these species did not affect the calculated Ksp values. Guillamont et 
al.
60
 updated the Grenthe review and revised many of the uranyl hydroxide and uranyl 
carbonate stability constants by assessing new data on the thermodynamic stabilities of 
these complexes. These revised stability constants were for the most part within the error 
reported for the stability constants reported in the Grenthe review and were unlikely to 
significantly change the calculated Ksp values.
60  
 
Moreover, the aqueous carbonate system is very important in the environment 
because of the high abundance of CO2 and carbonate-containing minerals such as calcite, 
CaCO3, and dolomite, CaMg(CO3)2 (which are estimated to contain more than 80 % of the 
carbon on earth).
49
 There were very few examples in nature for solid-phase U(VI) 
compounds with carbonate ligands other than the well-known tricarbonates.
40, 52
 U(VI) 
dicarbonato complexes were nearly completely missing where even in aqueous solution, the 
dicarbonato complex was found as a species of minor importance only.
40
 A pentagonally-
coordinated monocarbonato species, [UO2CO3(H2O)3] was found as the most likely 
coordination.
52
 However, in the overwhelming presence of U(VI) carbonate minerals, a CO3
2-
 
: U(VI) ratio of 3 was observed, while lower ratios were very rare with the mineral 
rutherfordine, UO2CO3, as a prominent example.
52
 
 
The lack of verified U(VI) dicarbonato compounds is particularly surprising because 
U(VI) was known to have a varied mineralogy and carbonate was a readily available ligand 
in natural systems.
52
 U(VI) has a rich coordination chemistry dominated by the properties of 
the uranyl (VI) entity, UO2
2+
. This entity is linear (see Fig. 1.12) and both thermodynamically 
and kinetically quite stable.
52
  
 
  Actinide carbonate complexes are of interest not only because of their fundamental 
chemistry and environmental behaviour, but also because of their extensive industrial 
applications, primarily in uranium and thorium recovery from ores and nuclear fuel 
reprocessing.
49
 The alkali leaching process for the recovery of uranium uses the high 
stability of the soluble uranyl carbonate complex, UO2(CO3)3
4-
, as a means of selectively 
separating uranium from its ore. The aqueous U(VI) carbonate system has been very 
thoroughly studied and there is little doubt about the compositions of the three monomeric 
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complexes of general formula UO2(CO3), UO2(CO3)2
2-
 and UO2(CO3)3
4-
 present under the 
appropriate conditions.  
 
     UO2
2+ 
(aq) + CO3
2- 
(aq)    UO2(CO3) (aq)                                                    (20) 
 
     UO2
2+ 
(aq) + 2CO3
2- 
(aq)    UO2(CO3)2
2- 
(aq)                                                (21) 
 
     UO2
2+ 
(aq) + 3CO3
2- 
(aq)    UO2(CO3)3
4- 
(aq)                                                (22) 
 
 
In uranyl-hydroxide-carbonate systems, the UO2(CO3), UO2(CO3)2
2-
 and UO2(CO3)3
4-
complexes predominate in the pH range of 6 to 8.
61
 The (UO2)2CO3(OH)3
- species appears in 
neutral pH range in significant concentrations of carbonate and uranium in solution as shown 
in Fig. 1.19.
1
 Sutton
35
 however has reported in his thesis that the dominant ion was the 
mixed hydroxycarbonate species (UO2)2CO3(OH)3
-
 at lower carbonate concentrations while 
at higher concentrations of added carbonate, the dominant species was the uranyl 
tricarbonato ion, UO2(CO3)3
4-
.  
 
There was also a great deal of evidence from electromotive force (emf), solubility and 
spectroscopic data supporting the existence of polymeric solution species of formulas 
(UO2)3(CO3)6
6-
, (UO2)2(CO3)(OH)3
-
, (UO2)3O(OH)2(HCO3)
+ and (UO2)11(CO3)6(OH)12
2-
, which 
formed only under conditions of high uranium concentration or high ionic strength.
49 
Polynuclear actinyl U(VI) complexes were not expected to be present in natural water 
systems due to the low metal ion concentrations and low ionic strengths generally expected. 
 
This situation may however be different in a GDF or contaminated site, where the 
concentrations of the actinyl metals’ ions were expected to be significantly higher and where 
radiolysis may provide redox reagents in the near field. Grenthe and Lagerman
62 have 
suggested that under such conditions, the U(VI) complexes were capable of acting as a 
“carrier” for the heavier actinyl ions in the form of mixed (UO2)2(AnO2)(CO3)6
6-
 polynuclear 
complexes, where An = Np and Pu. 
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Under typical groundwater conditions, monomeric actinyl carbonate complexes were 
expected to dominate the solution chemistry.
49
 As an illustrative example, the 
thermodynamic binding constants for U(VI) hydrolysis and carbonate complexation could be 
used to predict species distributions in groundwaters at the proposed Yucca Mountain 
repository for the storage of highly radioactive waste. Chemical analyses had established 
that the Yucca Mountain groundwaters contained primarily sodium bicarbonate and very little 
dissolved solids. The chemistry of the uranyl ion was markedly influenced by carbonate 
complexation from calculated uranyl solution species.
49
  
 
Clark et al.
49
 carried out studies on water samples obtained from the Yucca 
Mountain. It was found that the monomeric uranyl carbonate species UO2(CO3), UO2(CO3)2
2-
 
and UO2(CO3)3
4-
 were expected to dominate above pH 5 and the hydrolysed species 
UO2(OH)3
-
 were predicted to dominate at pH values near 11. In the absence of other 
complexing ligands, carbonate complexation would dominate the speciation of the uranyl ion 
under near-neutral pH conditions as long as there were sufficient carbonate and bicarbonate 
ions available.
49
 At uranyl concentrations of more than 0.001 mol dm
-3
, the trimeric cluster 
(UO2)3(CO3)6
6-
 was present in significant concentrations. Hydrolysis played an increasingly 
important role when the uranyl ion concentration exceeded the concentration of carbonate.  
 
Both carbonate and hydroxide ions strongly complex actinide ions and would affect 
the mobility of the actinide ions in natural groundwater systems. The identification of the 
carbonate complexes and the determination of the thermodynamic parameters associated 
with their formation is therefore a crucial area of study. In the solid state, UO2(CO3), 
M6(UO2)3(CO3)6 and M4UO2(CO3)3 were well characterised for uranium where M = 
monovalent cation. In aqueous solution, the important species were UO2(CO3), UO2(CO3)2
2-
, 
UO2(CO3)3
4-
 and (UO2)3(CO3)6
6-
.  
 
The lack of data for U(V) complexes was due to the relative instability of the 
pentavalent oxidation state of uranium in aqueous solution. Tetravalent actinide carbonate 
solids have been well studied for uranium. The compositions of trivalent actinide carbonate 
solids were well established but their structural details were not known. There are clearly 
many areas of uranium carbonate research that require further study to define the nature of 
these contaminants, to predict how uranium may behave in natural systems and 
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subsequently in a GDF, to explore alternative methods for industrial processes and effluent 
treatment, to find acceptable methods for remediation and transuranic waste storage and to 
manage the transuranic elements responsibly so that their unique properties may be utilised 
effectively.
49
 
 
 
1.5.3.2 Uranium Hydroxide Complexes  
 
Uranyl hydroxide is a hydroxide of uranium with the chemical formula UO2(OH)2 in 
the monomeric form and (UO2)2(OH)4 in the dimeric form, where both forms may exist in 
aqueous solution. Hydrolysis leads to the formation of ionic species or precipitates of 
hydroxides by the action of water as illustrated in the following equations: 
 
          An(H2O)x
4+ 
(aq)  + H2O (l)  An(H2O)x(OH)
3+ 
(aq)  + H
+ 
(aq)                                                 (23) 
 
          An(H2O)x
4+ 
(aq)  + OH
- 
(aq)   An(H2O)x(OH)
3+ 
(aq)                                             (24) 
 
 
Actinide hydrolysis yield soluble hydroxide or oxide complexes, as well as 
precipitates of hydroxides, oxides or basic salts. Hydrolysis reactions are significant for all of 
the actinide ions at pH values found in natural waters with the exception of the pentavalent 
ion.
49
 U(IV) and U(VI) are the main two oxidation states of uranium expected under 
environmental conditions. Hydrolysis of U
4+
 had been extensively studied in acidic solutions 
and the process started at acid concentrations less than 0.1 mol dm
-3
.  
 
There is reasonably good experimental evidence for the formation of U(OH)
3+
. There 
was no direct evidence for formation of other hydrolysis products such as U(OH)2
2+
, U(OH)3
+
 
and U(OH)4 (or UO2.2H2O). There was however a substantial amount of data particularly 
from solubility experiments, which was consistent with the neutral species U(OH)4. Solubility 
studies by Rai et al.
57
 indicated that the anionic species, U(OH)5
-
, was only of minor 
importance in their study. The study of U(IV) hydrolysis was extremely complicated due to 
the precipitation of insoluble hydroxides or oxides.
49
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The hydrolysis of U(VI) was extensively studied by Clark and co-workers who began 
their study at ca. pH 3. The first hydrolysis product was believed to be UO2(OH)
+
 in solutions 
containing less than 10
-4
 mol dm
-3 uranium. It was however accepted that the polymeric 
U(VI) species was predominant in solution at higher uranium concentrations. At uranium 
concentrations of more than 10
-4
 mol dm
-3
, it was generally agreed that the dimer, 
(UO2)2(OH)2
2+
, was the first hydrolysis product. Trimeric uranyl hydroxide complexes 
(UO2)3(OH)5
+ and (UO2)3(OH)4
2+ were also well established. Hydrous uranyl hydroxide 
precipitate was the stable species at higher pH.
49
  
 
 
1.5.3.3 Uranium Carboxylate Complexes 
 
Rao et al.
63
 obtained data from both potentiometry and calorimetry measurements at 
25 to 70 
o
C and found that they were consistent with the formation of three consecutive 
U(VI) acetate complexes defined by the following equilibrium: 
 
    UO2
2+ 
(aq)  + jCH3COO
- 
(aq)   UO2(OOCCH3)j
(2-j)+ 
(aq)  where j = 1,2,3                  (25) 
 
Based on speciation calculations using the stability constants, the average ligand number 
was equal to 1, 2 and 3 (j) for solutions I, II and III respectively. The 1:1 and 1:3 complexes, 
UO2(OOCCH3)
+
 and UO2(OOCCH3)3
-
 were the dominant species in Solutions I and III 
respectively. Solution II however contained a mixture of three complexes (1:1, 1:2 and 1:3) in 
comparable amounts without a dominant species. 
 
The authors observed that the U(VI) acetate complexes became more stable as the 
temperature was increased.
63
 The effect of temperature on the formation constants of the 
complexes between a hard acid, i.e. the U(VI) ions, and a hard base, i.e. the oxygen donor 
ligands such as acetate, could be interpreted with an electrostatic model. The electrostatic 
model predicted that the complexation between species of opposite charges was enhanced 
by the increase in temperature. These predictions appeared to agree with the data obtained 
on the formation of the 1:1 complexes of U(VI) acetate. The agreement implied that the 
complexation between the uranium ions and acetate was dominated by electrostatic 
interactions. 
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UO2
2+ 
(aq)  + CH3COO
- 
(aq)   UO2(CH3COO)
+ 
(aq)                                        (26) 
 
 
Data obtained indicated that the overall complexation of U(VI) with acetate was 
endothermic and was driven by large and positive entropies.
63
 This was consistent with the 
general observation between “hard acid” cations and “hard base” anions. Despite the 
enthalpies (ΔH and TΔS) becoming more positive and unfavourable to the complexation at 
higher temperatures, the complexes were more stable because of the increasing more 
positive entropy of complexation. These trends could be related to the perturbation of the 
solvent structure by thermal motions that resulted in a more disordered bulk water structure 
at higher temperatures. During complexation, the highly ordered solvating water molecules 
were released to a more disordered bulk solvent. The result was a larger gain in the entropy 
of complexation at higher temperatures. 
 
The complexation of U(VI) with acetate became stronger as the temperature was 
increased from 10-70 
o
C, despite the fact that the enthalpy of complexation became more 
endothermic and unfavourable to the complexation at higher temperatures. The 
enhancement of the complexation was mainly due to a larger entropy effect at higher 
temperatures and could be explained by the effects of temperature on the solvent structure 
and a simple electrostatic model.
63
  
 
 
1.5.3.4 Uranium Ethylenediaminetetraacetic Acid (U-EDTA) Complexes 
 
There has also been evidence of the formation of uranium-EDTA complexes in 
addition to the formation of uranium carbonate and uranium carboxylate complexes. Palei 
and Hsu
64
 has noted that U(IV) forms a 1:1 and 1:2 chelate with EDTA while Smith
65
 and 
Krot et al.
66
 has determined formation constants for the 1:1 U(IV)-EDTA chelate with Smith
65
 
noting further hydrolysis of this chelate at low pH to form a monohydroxo chelate. Ermolaev 
and Krot
67
 has isolated and studied the 1:1 U(IV)-EDTA chelate and obtained equilibrium 
constants for the formation of the monohydroxo and the binuclear diolated chelate. The 
authors found that with an excess of EDTA, a 2:3 U(IV)-EDTA chelate was formed while with 
an excess of U(IV), they postulated the formation of a 2:1 U(IV)-EDTA chelate. 
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Davis
68
 undertook polarography of the U(VI)-EDTA complexes to obtain more 
information about the U(VI)-EDTA complexes. The reduction of U(VI) at a DME approached 
reversibility only if the concentration of EDTA was greater than 0.04 mol dm
-3
. Experiments 
described in this thesis utilised a glassy carbon commercial working electrode and a 0.1 mol 
dm
-3 EDTA solution and therefore the reduction of U(VI) should approach reversibility but 
only under alkaline conditions as described in this thesis.   
 
Davis
68
 has determined the possibility of the existence of different uranium-EDTA 
complexes at different pH. At pH above 7.5, U(VI)-EDTA complexes were unstable and 
decomposed into a diuranate precipitate and free EDTA. They noted a one-electron change 
for U(VI) at higher pH and a two-electron change at about pH 3. The authors observed that 
at pH 2 to 5, a precipitate formed where the rate of formation decreased as the pH of the 
solution increased. The precipitate was light yellow and was found to contain uranyl ions and 
EDTA in a 1:1 ratio. The precipitation of uranium was incomplete at all pH values even in the 
presence of a considerable excess of EDTA. The completeness of precipitation was greater 
at low pH but some free EDTA was also found to precipitate below pH 3, which was normal 
considering that the solubility of free EDTA increases with pH. 
 
The light yellow precipitate could be dissolved by either complexing the EDTA with 
another metal ion, removing or possibly adding a hydrogen ion, but not by adding excess 
EDTA. This evidently showed that complexes having more than one EDTA per uranium did 
not form. Despite the evidence gathered, the main composition of the U(VI)-EDTA 
complexes could not be definitely identified. Both UO2HY
-
 and (UO2)2Y had been proposed, 
where Y stand for EDTA
4-
. UO2HY
- seemed most likely where the half wave potential, E1/2   
variation with pH indicated that only one hydrogen ion was involved in the electrode reaction. 
The electrode reaction may be 
 
                        UO2HY
- 
(aq) + H
+ 
(aq) + e-    UO2H2Y
- 
(aq) 
                               (27) 
 
at pH above 5.5 but less than 7.5.  
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At pH less than 5.5, no definite reaction could be proposed but it was not unlikely that 
the complex species was composed of two uranyl ions per molecule of EDTA, i.e. (UO2)2Y. 
The existence of (UO2)2Y was reasonable even though the precipitate formed at low pH has 
a ratio of uranium to EDTA of 1:1 because at such low pH, the actual concentration of EDTA 
(Y
4-
) was lower than that of U(VI) because some of the free EDTA would have been 
precipitated due to its low solubility at low pH. 
 
 
 
1.6 SUMMARY 
 
Most of the work in the literature was carried out under highly acidic conditions as seen in 
Table 1.1 and the results have sometimes been extrapolated to circumneutral (pH between 
6.5 and 7.5) and alkaline conditions. Is this valid however? This extrapolation needs to be 
tested. The main aim of this project is to carry out cyclic voltammetry experiments across the 
pH range from pH 1 to 13 to obtain complete experimental data (in acidic, neutral and 
alkaline conditions) instead of extrapolation to fill in gaps in the literature and subsequently 
to check whether extrapolation was valid.  
 
In addition, the ‘59 mV change in potential per pH unit’ rule for reversible redox reactions will 
be tested. This theory would be applicable when a single electron and proton or hydroxide 
ion participates in a redox reaction. When multiple electron transfer reactions take place, the 
ratio of the electrons to protons or hydroxide ions should theoretically be one, for the theory 
to be applied. Data obtained under acidic conditions will be compared with the literature 
values. A commercially available glassy carbon electrode was chosen to carry out the 
experiments because of its ability to provide a wider potential range, especially in the 
negative region, which is needed for the investigation of the redox chemistry of uranium. The 
counter electrode used was the typical platinum wire and the reference electrode was the 
silver/silver chloride, Ag/AgCl reference electrode. 
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CHAPTER 2: EXPERIMENTAL METHODOLOGY 
 
2.1 CHAPTER OUTLINE 
 
This chapter describes the experimental methods, materials, reagents and instrumental 
techniques employed in the experiments carried out in this project. In addition, the setup and 
maintenance of the equipment used is also detailed below. 
 
 
2.2 INSTRUMENTATION SETUP AND TEST SOLUTION PREPARATION 
 
2.2.1 Electrochemical Instrumentation Setup 
 
Fig. 2.1 shows the experimental setup. A VC-2 Voltammetry cell kit was purchased 
from Bioanalytical systems, Inc. (BASi, UK) to carry out the electrochemical experiments as 
a three-electrode configuration was required. The Teflon top included a platinum wire 
counter electrode with a gold connecting pin. The glassy carbon working electrode (3.0 mm 
in diameter with an electrode surface area of 7.1 mm
2
 and silver/silver chloride (Ag/AgCl, 3 
mol dm
-3
 NaCl) reference electrode were also supplied by BASi. These two electrodes fit into 
the remaining two holes in the Teflon top. They were positioned in the vial by the use of the 
O-rings which accompany the electrodes. The three-electrode cell was then connected to a 
VersaStat 3 or VersaStat 4 Potentiostat (Ametek, Princeton Applied Research, UK) with the 
VersaStudio software. The software included the various voltammetric methods such as 
cyclic voltammetry. The software generated cyclic voltammograms in real time in which the 
data (potential and current data) was subsequently transferred to Microsoft Excel and cyclic 
voltammogram figures were generated from those data. 
 
The Ag/AgCl (3 mol dm
-3
 NaCl) reference electrode was stored in 3 mol dm
-3
 sodium 
chloride solution when not in use to keep the tip wet at all times. The reference electrode 
was checked periodically for air bubbles that were trapped in the tip as they would interfere 
with the analyses if present. The 3 mol dm
-3
 solution in the storage vial was replaced with 
fresh salt solution regularly. Before and after all analyses, the surfaces of the two 
commercial working electrodes were polished to a mirror finish with an alumina slurry by 
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mixing MicroPolish II (B) Gamma-alumina Powder (0.05 µm) Deagglomerated (Buehler, UK) 
with some deionised water (Ondeo Purite Neptune, UK, 18.2 MΩ.cm at 25 
o
C) on a Ø 200 
mm (8”) self-adhesive backed MicroCloth (Buehler, UK). The glassy carbon working 
electrode was immersed in 50:50 concentrated (70 %) nitric acid, HNO3 (Sigma-Aldrich, UK)/ 
deionised water, rinsed with deionised water and wiped dry before polishing to avoid 
contaminating the polishing cloth. This procedure was carried out each time after use at the 
end of one typical set of experiments. The platinum counter electrode and Ag/AgCl (3 mol 
dm
-3
 NaCl) reference electrode were rinsed with dilute HNO3 followed by deionised water 
and wiped dry before storing after analysis. 
 
 
 
                      Figure 2.1: The three-electrode configuration. 
 
  
2.2.2 Method Development: Preparation of the Test Solutions 
 
Deionised water was used for all the experiments. Analytical reagent grade uranyl 
nitrate hexahydrate, 98.0 - 102.0 % (Taab Laboratories, UK) was used, where the oxidation 
state of uranium in the salt is +6. The pH values of the solutions were measured using 
Jenway 3510 pH meters (Serial No.: 05726 and 04160) and Fisher brand glass electrodes. 
Glassy Carbon Working Electrode 
Ag/AgCl (3 mol dm
-3
 NaCl) Reference Electrode 
Platinum Counter Electrode 
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The pH meter was calibrated every day using three buffer solutions each time which 
consisted of buffer solution pH 4 (phthalate) (Fisher Scientific, UK), buffer solution pH 7 
(phosphate) (Fisher Scientific, UK) and buffer solution pH 10 (borate) (Fisher Scientific, UK). 
All experiments were performed at ambient laboratory temperature. 
 
All solutions were made up from deionised water that had been boiled and sparged 
with oxygen-free nitrogen. A 1 x 10
-2
 mol dm
-3
 uranyl nitrate hexahydrate, UO2(NO3)2.6H2O, 
stock solution was prepared in a 250 mL volumetric flask. Laboratory reagent grade sodium 
hydroxide pellets (~ 4 pellets) (Fisher Scientific, UK) were added to this stock solution until 
sufficiently basic (~ pH 12) to precipitate sodium diuranate. This basic solution was left to 
precipitate overnight. It was observed that the yellow solid had all precipitated and settled at 
the bottom of the flask overnight. The supernatant, which contained the maximum amount of 
uranium salt that was soluble in a highly alkaline solution, was then decanted into a beaker 
and subsequently, transferred to a 500 mL plastic bottle.  
 
The actual concentration of the uranium supernatant was measured by Inductively 
Coupled Plasma-Mass Spectrometry (ICP-MS) (Agilent Technologies, UK). Before analysis 
of the uranium samples which were diluted using deionised water and contained 2 % HNO3 
to matrix match with the uranium standards, a set of calibration standards containing varying 
concentrations of the Trace ICP / ICP-MS Grade uranium in 2 % HNO3 (Fisher Scientific, 
UK) were prepared and analysed as described in Section 2.4.1 to obtain  calibration curves. 
The concentration of the uranium solution was calculated to be 2.71 x 10
-5 mol dm
-3
 or 6.45 
ppm from the calibration curve obtained. This confirmed that the maximum amount of uranyl 
nitrate salt soluble in a highly alkaline solution (pH 12 in this case) was about 10
-5 mol dm
-3
.  
 
This supernatant solution was then diluted 50 % with three different supporting 
electrolyte solutions as well as deionised water as a solvent to reduce the possibility of 
further precipitation to give four working solutions. The three supporting electrolyte solutions 
were 0.5 mol dm
-3
 potassium nitrate, 0.2 mol dm
-3
 sodium perchlorate and 0.2 mol dm
-3
 
sodium chloride solutions. The salt supporting electrolyte solutions were prepared from 
granular/laboratory grade potassium nitrate (Fisher Scientific, UK), ACS reagent grade 
sodium perchlorate, ≥ 98 % (Sigma Aldrich, UK) and sodium chloride, ≥ 95 % crystalline 
powder (Fisher Scientific, UK) salts respectively, used directly as supplied.  
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Test solutions for cyclic voltammetry containing the different supporting electrolyte 
solutions, from about pH 1 to pH 13 were prepared from the working solutions by the 
addition of minimal amounts of HNO3 (1 % or 5 % v/v of 70 % concentrated HNO3) or 
potassium hydroxide, KOH (Fisons Scientific, UK) (0.01, 0.1 or 0.5 mol dm
-3
), as appropriate. 
All the working solutions contained the same concentration of uranium. These test solutions 
were analysed to select the most appropriate supporting electrolyte for subsequent 
experiments. 
 
 
2.2.3 Method Development: Cyclic Voltammetry of the Test Solutions 
 
Voltammetry was performed using a VersaStat 3 potentiostat with VersaStudio 
software. The reference electrode was a silver/silver chloride, Ag/AgCl (3 mol dm
-3
 NaCl) 
electrode, the counter electrode was a platinum wire and the working electrode was glassy 
carbon. The uranium test solutions were scanned negatively (cathodic scan), i.e. from 
oxidising (positive) potentials to reducing (negative) potentials and back because the 
oxidation state of uranium in uranyl nitrate was +6. The cyclic voltammetry parameters used 
for the analysis of the effects of the different supporting electrolyte solutions are listed in 
Tables 2.1 and 2.2. 
 
Initial scoping experiments were carried out using both the platinum and glassy 
carbon electrodes. Subsequent experiments employed the glassy carbon electrode only 
because this electrode provided the wider potential window required for the redox reactions 
of uranium, especially in the reducing (negative) potential region. The uranium reduction 
peaks were appearing at fairly negative potentials up to ca. -1.2 to -1.3 V and the wider 
potential window provided would ensure that the reduction of hydrogen ions occurred at 
more negative potentials than the reduction of the uranium ions due to the higher hydrogen 
evolution overpotential.  
 
The fast kinetics of the platinum electrode was interfering with the appearance of the 
uranium voltammetric waves as the uranium redox reactions were not ‘fast’ reversible 
reactions but were quasi-reversible instead. The hydrogen ions were reduced at less 
negative potentials at the platinum electrode in comparison to the glassy carbon electrode, 
thereby causing interference to the uranium redox peaks, particularly in the acidic solutions. 
The glassy carbon electrode was hence more suitable for subsequent experiments because 
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the electron transfer rate observed at carbon surfaces is often slower than that observed at 
metal electrodes.
69 
 
 
Table 2.1: Cyclic voltammetry parameters for the analysis of 10
-5 mol dm
-3
 uranyl nitrate in 
0.5 mol dm
-3
 potassium nitrate supporting electrolyte solution. 
Initial Potential (V) +1.5 
Vertex Potential (V) -0.8 
Final Potential (V) +1.5 
Scan Rate (V/s) 0.1 
Current Range Setting (A) Auto 
 
 
 
Table 2.2: Cyclic voltammetry parameters for the analysis of 10
-5 mol dm
-3
 uranyl nitrate in 
0.2 mol dm
-3
 sodium perchlorate and 0.2 mol dm
-3
 sodium chloride supporting electrolyte 
solutions as well as deionised water as a solvent (at neutral and near-neutral pH conditions) 
or starting material (adjusted to the required pH to make acidic and alkaline solutions using 
HNO3 or KOH respectively).  
Initial Potential (V) +1.2 
Vertex Potential (V) -0.3 
Final Potential (V) +1.2 
Scan Rate (V/s) 0.1 
Current Range Setting (A) Auto 
 
 
Initial scoping experiments were carried out using various scan rates from 0.01 V/s to 
1 V/s and different potential ranges from -1.5 V to 1.5 V. The parameters in Tables 2.1 and 
2.2 above were deemed to be the most optimum for subsequent experiments. The uranium 
solutions were electrochemically cycled between the oxidation and reduction of water until 
reproducible cyclic voltammograms were obtained.   
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The scan rate was chosen to be 0.1 V/s as this scan rate was the average acquisition 
time, i.e. not too fast as to lose resolution or redox waves not appearing because of the 
kinetic effect and not too slow as to render the experiments to be impractical. The criteria for 
choosing the potential ranges initially involved a relatively quick scan at 0.1 V/s to confirm 
the potentials at which the uranium redox peaks would appear and was between the 
reduction and oxidation of water.  
 
 
 
2.2.4 Effects of the Carbonate and EDTA Ligands: Preparation of the Test Solutions  
 
All solutions were made up from deionised water that had been sparged with oxygen-
free nitrogen. The supporting electrolyte was a mixture of 0.8 mol dm
-3
 sodium chloride and 
0.2 mol dm
-3 sodium carbonate, resulting in a 1.4 mol dm
-3 ionic strength. The sodium 
carbonate solution was prepared from analytical reagent grade sodium carbonate (AnalaR 
NORMAPUR
®
, VWR International, UK), used directly as supplied. The sodium chloride 
solution was prepared from sodium chloride, used directly as supplied. A supporting 
electrolyte with an ionic strength of 1.4 mol dm
-3 was used as an approach to the conditions 
expected in high ionic strength media. Experiments carried out in atmosphere-equilibrated 
carbonate (PCO2 =10
-3.5 atm) conditions used a supporting electrolyte that consisted solely of 
0.8 mol dm
-3
 sodium chloride.  
 
A 10
-2
 mol dm
-3 uranyl nitrate hexahydrate, UO2(NO3)2.6H2O stock solution was 
prepared in a 250 mL volumetric flask. It was dissolved using 1 mol dm
-3 HNO3, prepared as 
supplied from concentrated (70 %) HNO3. The solution was subsequently made up to 
volume using deionised water. Sufficient analytical reagent grade sodium carbonate was 
added to the uranium stock solution until it was saturated with carbonate. The total amount 
of carbon in the stock solution was analysed using the Sievers InnovOx Total Organic 
Carbon (TOC) Analyser (GE Analytical Instruments, USA) to ensure carbonate saturation. 
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The stock solution was then analysed by Inductively Coupled Plasma-Optical 
Emission Spectrometry (ICP-OES) (Thermo Scientific, UK) to obtain its actual concentration, 
which was 11.38 mmol dm
-3
 for the sodium carbonate-containing uranium stock solution and 
at a later time, 1.14 mmol dm
-3
 for the uranium stock solution in which the carbonate was 
removed (see Section 2.4 for details). ICP-OES was used instead of ICP-MS because of the 
high concentrations of uranium present in solution, where the ICP-OES provided a higher 
limit of detection up to 100 ppm in comparison to 1 ppm by the ICP-MS. The stock solution 
was then used to make millimolar uranium working solutions using the supporting electrolyte 
mixture of 1.4 mol dm
-3 ionic strength, prepared as described above. After the excess 
carbonate was removed from the stock solution, the supporting electrolyte used to make 
additional uranium working solutions consisted of 0.8 mol dm
-3 sodium chloride only. 
 
The concentration of the uranium working solution containing excess sodium 
carbonate was 3 mmol dm
-3
 while the one with the excess sodium carbonate removed was 
0.3 mmol dm
-3
. Removal of the excess carbonate from the working solution was achieved by 
adding sufficient concentrated (37%) hydrochloric acid, HCl (Sigma-Aldrich, UK), used as 
supplied, to remove the excess carbonate. Test solutions for cyclic voltammetry from about 
pH 1 to pH 13.5 were prepared from the 3 mmol dm
-3
 or 0.3 mmol dm
-3
 working solutions by 
the addition of minimal amounts of HCl (1-5 % v/v of concentrated HCl) or KOH (Fisher 
Scientific, UK) (0.01-2 mol dm
-3
) as appropriate. All the working solutions contained the 
same concentration of uranium. HCl was used from then on since it was found that the 
nitrate ions from HNO3 contributed to the interference in the appearance of the uranium 
redox waves during the method development experiments. The reduction of nitrate ions 
contributed to a redox peak at ca. -0.2 to -0.4 V under acidic and alkaline conditions. This 
will be elaborated further in Chapter 3 (Section 3.2.1). 
 
A 0.3 mol dm
-3 EDTA stock solution was prepared using the EDTA Disodium Salt 
Dihydrate powder, C10H14N2Na2O8.2H2O (Fisher Scientific, UK). Test solutions for cyclic 
voltammetry from about pH 1 to pH 13.5 were prepared by mixing the uranium stock solution 
with the EDTA stock solution to give final test solutions containing either 3 mmol dm
-3
 
uranium and 0.1 mol dm
-3
 EDTA (for the solutions containing excess sodium carbonate at a 
concentration of 0.2 mol dm
-3
) and 0.3 mmol dm
-3
 uranium and 0.1 mol dm
-3
 EDTA (for the 
solutions where the excess sodium carbonate was removed). Similarly, supporting 
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electrolyte solutions containing 0.1 mol dm
-3
 EDTA in both excess carbonate-containing and 
non-excess carbonate-containing matrix were also prepared and analysed. Test solutions 
without excess sodium carbonate added were analysed in atmosphere-equilibrated 
carbonate (PCO2 =10
-3.5 atm) conditions. 
 
 
 
2.2.5 Effects of the Carbonate and EDTA Ligands: Cyclic Voltammetry of the Test 
Solutions 
 
 
Voltammetry was performed using a VersaStat 4 potentiostat with VersaStudio 
software. The reference electrode was a silver/silver chloride (Ag/AgCl) electrode, the 
counter electrode was a platinum wire and the working electrode was glassy carbon. The 
uranium salt solutions were scanned negatively (cathodic scan), i.e. from oxidising (positive) 
potentials to reducing (negative) potentials and back. 
 
The technique of cyclic voltammetry rapidly generates various oxidation states. The 
quantities to note in a cyclic voltammetry plot are the anodic peak current, ipa, cathodic peak 
current, ipc, anodic peak potential, Epa, and cathodic peak potential, Epc. The measurement of 
peak currents, ip, involves the extrapolation of the baseline current. The peak current in 
reversible systems for the forward scan is given by the Randles-Sevcik in equation 6. 
 
From equation 6, ipc increases with the square root of ʋ and is directly proportional to 
the concentration of the species in solution. The values of ipa and ipc are ideally identical for a 
one-step reversible redox couple leading to their ratio being unity. The ratio of the peak 
currents may differ from unity if the reactions are coupled to other electrode processes. The 
cyclic voltammetry parameters used for the analysis of the supporting electrolyte solutions 
and the uranium test solutions are listed in Tables 2.3 and 2.4. 
 
 
 
 
 
93 
 
Table 2.3: Cyclic voltammetry parameters for the analysis of the supporting electrolyte 
solutions and uranium test solutions below ca. pH 4. 
Initial Potential (V) +0.5 
Vertex Potential (V) -1.5 
Final Potential (V) +0.5 
Scan Rate (V/s) 0.1 
Current Range Setting (A) Auto 
 
 
 
Table 2.4: Cyclic voltammetry parameters for the analysis of the supporting electrolyte 
solutions and uranium test solutions above ca. pH 4. 
Initial Potential (V) +0.1 
Vertex Potential (V) -1.5 
Final Potential (V) +0.1 
Scan Rate (V/s) 0.1 
Current Range Setting (A) Auto 
 
 
 
Initial scoping experiments were carried out using various scan rates from 0.01 V/s to 
1 V/s and different potential ranges from -1.5 V to 1.5 V. The parameters in Tables 2.3 and 
2.4 above were deemed to be the most optimum for subsequent experiments. The uranium 
solutions were electrochemically cycled between the oxidation and reduction of water until 
reproducible cyclic voltammograms were obtained.  
 
Subsequently, a scan rate study of the uranium-carbonate system (uranyl nitrate in 
0.8 mol dm
-3
 sodium chloride and 0.2 mol dm
-3 sodium carbonate supporting electrolyte 
mixture) in the absence of EDTA was carried out at ca. pH 1 to 2 to obtain information on the 
disproportionation process of U(V) to U(IV) and U(VI). The scan rate (i.e. acquisition time) 
was varied between 0.005 V/s to 1 V/s. The disproportionation reaction was analysed using 
parameters listed in Table 2.5 and the results are described in Section 4.5 of Chapter 4. 
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Table 2.5: Cyclic voltammetry parameters for the scan rate study of the uranium carbonate 
system. 
Initial Potential (V) +0.8  
Vertex Potential (V) -0.6  
Final Potential (V) +0.8   
Scan Rate (V/s) 0.005 - 1 
Current Range Setting (A) Auto 
 
 
 
2.2.6 Effects of Gluconic Acid and α-Isosaccharinic Acid (α-ISA): Preparation of the 
Test Solutions  
 
All solutions were made up from deionised water that had been sparged with oxygen-
free nitrogen. The supporting electrolyte was a mixture of 0.8 mol dm
-3
 sodium chloride and 
0.2 mol dm
-3 sodium carbonate, resulting in a 1.4 mol dm
-3 ionic strength. The sodium 
carbonate solution was prepared from analytical reagent grade sodium carbonate, used 
directly as supplied. The sodium chloride solution was prepared from sodium chloride, used 
directly as supplied. A supporting electrolyte with an ionic strength of 1.4 mol dm
-3 was used 
as an approach to the conditions expected in high ionic strength media. Experiments carried 
out in atmosphere-equilibrated carbonate (PCO2 =10
-3.5 atm) conditions used a supporting 
electrolyte that consisted solely of 0.8 mol dm
-3 sodium chloride.  
 
Two stock solutions of 10
-2
 mol dm
-3 uranyl nitrate hexahydrate, UO2(NO3)2.6H2O 
were prepared in 250 mL volumetric flasks. They were dissolved using 1 mol dm
-3 
HNO3, 
prepared as supplied from concentrated (70 %) HNO3. The solutions were subsequently 
made up to volume using deionised water. Sufficient analytical reagent grade sodium 
carbonate was added to the first uranium stock solution until it was saturated with carbonate, 
but not to the second solution. The total amount of carbon in the first stock solution was 
analysed using the Sievers InnovOx Total Organic Carbon (TOC) Analyser to ensure 
carbonate saturation. 
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 Both the stock solutions were analysed by Inductively Coupled Plasma-Optical 
Emission Spectrometry (ICP-OES) (Thermo Scientific, UK) to obtain their actual 
concentrations, which were 9.777 mmol dm
-3
 for the excess sodium carbonate-containing 
uranium stock solution and 12.23 mmol dm
-3
 for the uranium stock solution without excess 
sodium carbonate. The stock solutions were then used to make millimolar uranium working 
solutions using the appropriate supporting electrolyte solutions, where the stock solution that 
contained excess sodium carbonate was diluted with the supporting electrolyte mixture of 
1.4 mol dm
-3 ionic strength, prepared as described above while the stock solution which did 
not have excess sodium carbonate added was diluted using 0.8 mol dm
-3 sodium chloride 
only. 
 
The concentration of the uranium working solution containing excess sodium 
carbonate was 3 mmol dm
-3
 while the one without excess sodium carbonate was 1.4 mmol 
dm
-3
. Test solutions for cyclic voltammetry from about pH 1 to pH 13.5 were prepared from 
the 3 mmol dm
-3
 or 1.4 mmol dm
-3
 working solutions by the addition of minimal amounts of 
HCl (1-5 % v/v of concentrated HCl) or KOH (0.01-2 mol dm
-3
) as appropriate. All the 
working solutions contained the same concentration of uranium. HCl was used instead of 
HNO3 since it was found that the nitrate ions from HNO3 contributed to the interference in the 
appearance of the uranium redox waves during the method development experiments. The 
reduction of nitrate ions contributed to a redox peak at ca. -0.2 to -0.4 V under acidic and 
alkaline conditions. This will be elaborated further in Chapter 3 (Section 3.2.1). 
 
A 0.3 mol dm
-3 gluconic acid stock solution was prepared using the sodium salt of 
gluconic acid, C6H11NaO7 (Acros Organics, UK), used directly as supplied. Test solutions for 
cyclic voltammetry from about pH 1 to pH 13.5 were prepared by mixing the uranium stock 
solution with the gluconic acid stock solution to give final test solutions containing either 3 
mmol dm
-3
 uranium and 0.1 mol dm
-3
 gluconic acid (for the solutions containing excess 
sodium carbonate) and 1.4 mmol dm
-3
 uranium and 0.1 mol dm
-3
 gluconic acid (for the 
solutions without excess sodium carbonate). Similarly, supporting electrolyte solutions 
containing 0.1 mol dm
-3
 gluconic acid in both excess carbonate-containing and non-excess 
carbonate-containing matrix were also prepared and analysed. Test solutions without excess 
sodium carbonate added were analysed in atmosphere-equilibrated carbonate (PCO2 =10
-3.5 
atm) conditions.  
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A 0.01 mol dm
-3 
α-ISA stock solution was prepared using the α-ISA crystals, C6H12O6, 
synthesised as described in Section 2.3.3. Test solutions for cyclic voltammetry from about 
pH 1 to pH 13.5 were prepared by mixing the uranium stock solution with the α-ISA stock 
solution to give final test solutions containing either 3 mmol dm
-3
 uranium and 0.003 mol dm
-
3
 α-ISA (for the solutions containing excess sodium carbonate) and 1.4 mmol dm-3 uranium 
and 0.003 mol dm
-3
 α-ISA (for the solutions without excess sodium carbonate). These 
solutions were prepared by the addition of minimal amounts of HCl (1-5 % v/v of 
concentrated HCl) or KOH (0.01-2 mol dm
-3
) to the test solutions as appropriate. 
 
 Similarly, supporting electrolyte solutions containing 0.003 mol dm
-3
 α-ISA in excess 
carbonate and 0.003 mol dm
-3
 α-ISA in atmosphere-equilibrated carbonate (PCO2 =10
-3.5 atm) 
conditions were also prepared and analysed. Test solutions without excess sodium 
carbonate added were analysed in atmosphere-equilibrated carbonate (PCO2 =10
-3.5 atm) 
conditions. A 0.003 mol dm
-3
 α-ISA concentration was used as this was predicted to be 
approximately the highest concentration of CDP potentially present in the environment.
4, 70, 71  
 
 
 
2.2.7 Effects of Gluconic Acid and α-Isosaccharinic Acid (α-ISA): Cyclic Voltammetry 
of the Test Solutions 
 
 
Voltammetry was performed using a VersaStat 4 potentiostat with VersaStudio 
software. The reference electrode was a silver/silver chloride (Ag/AgCl) electrode, the 
counter electrode was a platinum wire and the working electrode was glassy carbon. The 
uranium salt solutions were scanned negatively (cathodic scan), i.e. from oxidising (positive) 
potentials to reducing (negative) potentials and back. 
 
The cyclic voltammetry parameters used for the analysis of the supporting electrolyte 
solutions and the uranium test solutions are listed in Table 2.6. The scan rate and potential 
ranges were chosen to be similar to the ones used in the analysis of uranium with EDTA in 
order to compare the results obtained from the addition of different ligands, i.e. EDTA, 
gluconic acid and α-ISA. The potential ranges would be adjusted accordingly when 
necessary, as different ligands might give redox peaks at slightly different peak potentials. 
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Table 2.6: Cyclic voltammetry parameters for the analysis of the supporting electrolyte 
solutions and uranium test solutions. 
Initial Potential (V) +0.1, +0.2 or +0.5 
Vertex Potential (V) -1.5 
Final Potential (V) +0.1, +0.2 or +0.5 
Scan Rate (V/s) 0.1 
Current Range Setting (A) Auto 
 
 
 
2.3 THE ORGANIC LIGANDS FOR COMPLEXATION STUDIES 
 
2.3.1 Ethylenediaminetetraacetic Acid (EDTA) 
 
EDTA (Fig. 2.2) is a polyamino carboxylic acid and a colourless, water-soluble solid. 
It is a hexaprotic acid, occurring in the form of H6Y
2+
. Fig. 2.3 shows a speciation diagram for 
the EDTA system. Complexation of EDTA with a metal requires both nitrogen atoms to be 
deprotonated and it is generally assumed that the form that complexes with metal ions is Y
4-
. 
Its conjugate base is known as ethylenediaminetetraacetate. Its usefulness arises from its 
role as a hexadentate ligand and chelating agent, i.e. it has the ability to “sequester” metal 
ions. The metal ions remain in solution after being bound by EDTA, though they would 
exhibit diminished reactivity.  
 
EDTA is commercially produced as several salts, notably disodium EDTA and 
calcium disodium EDTA. The disodium dihydrate EDTA salt, C10H14N2Na2O8.2H2O, was 
used in the work described here. At very low pH, the fully protonated H6EDTA
2+
 form is 
predominant, whereas at very high pH, the fully deprotonated EDTA
4-
 form is prevalent. The 
first two pKa values correspond to the deprotonation of the amine groups at pKa1 = 0 and pKa2 
= 1.2 respectively.
72
 The pKa values for the subsequent deprotonation of the four carboxyl 
protons of the four carboxylic acid (-COOH) groups are pKa3 = 1.99, pKa4 = 2.66, pKa5 = 6.12 
and pKa6 = 10.28 respectively.
72
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Figure 2.2: Structure of Ethylenediaminetetraacetic Acid (EDTA). 
 
 
 
 
Figure 2.3: A distribution diagram for the EDTA system. At very low pH, the fully protonated 
H6EDTA
2+ (H6Y
2+
) form is predominant, whereas at very high pH, the fully deprotonated 
EDTA
4- (Y
4-
) form is prevalent. The latter form is usually required for complexation with a 
metal. (Figure reprinted from S. Han, E. V. Mathias and Y. Ba, 2007.)
72
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In coordination chemistry, EDTA
4-
 is a member of the polyamino carboxylic acid 
family of ligands. It usually binds to a metal cation through its two amines and four 
carboxylates groups as shown in Fig. 2.4. Many of the resulting coordination compounds 
adopt an octahedral geometry. Due to the anionic nature of the EDTA
4-
 complexes, they 
tend to be highly soluble in water. Hence, EDTA is able to dissolve deposits of metal oxides 
and carbonates. In the context of this thesis, EDTA was investigated because EDTA is 
present in most wastes since it is used as a decontamination agent (organic complexant) in 
nuclear decontamination purposes.  
 
 
 
Figure 2.4: A typical EDTA-metal (M) chelate, where the metal binds to EDTA through its 
two amine and four carboxylate groups. 
 
 
 
2.3.2 Gluconic Acid 
 
 
ᴅ-Gluconic acid, or more commonly gluconic acid, C6H12O7, is a mild organic acid 
derived from glucose by a simple oxidation reaction. In aqueous solution at neutral pH, 
gluconic acid forms the gluconate ion. The pKa value for the first deprotonation of gluconic 
acid, i.e. pKa1, is 3.86.
73
 However, it has not been possible to measure the higher pKa values 
of gluconic acid. The main reason is due to the very high pH at which the deprotonations 
occur, and the very small difference between the pH values of each individual deprotonation 
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as shown in Table 2.7 below. There are four deprotonations occurring in the pKa range of 
13-15. The pKa values obtained for the subsequent four deprotonations after the first one 
were from predictions using the Advanced Chemistry Development
74
 service run by various 
Canadian Universities as presented in Table 2.7 below.   
 
 
Table 2.7: Estimated pKa values for gluconic acid. (Table adapted from Advanced Chemistry 
Development, Inc.)
74
 
pKa Gluconic Acid 
1 3.35 (measured) 
2 13.58 
3 14.33 
4 15.09 
5 15.66 
 
 
 
Gluconic acid’s principal derivative is sodium gluconate, C6H11O7Na, which was the 
salt used in the experiments described in this study. Gluconic acid (pentahydroxycaproic 
acid) is produced from glucose through a simple dehydrogenation reaction catalysed by the 
enzyme glucose oxidase, i.e. dehydrogenation from β-ᴅ-glucose to produce ᴅ-gluconic acid 
(see Fig. 2.5).
75
 In addition to gluconic acid, oxidation of the aldehyde group on the first 
carbon (C-1) of β-ᴅ-glucose to a carboxyl group results in the production of the lactone form 
of gluconic acid, i.e. glucono-δ-lactone, C6H10O6, and hydrogen peroxide.
75
 Glucono-δ-
lactone (see Fig 2.5) is further hydrolysed to gluconic acid either spontaneously or by the 
lactone hydrolysing enzyme. 
 
Gluconic acid is a non-corrosive, non-volatile, and non-toxic acid. It is easily 
biodegradable (ca. 98 % in 48 hours).
75
 Gluconic acid is an efficient plasticiser and set 
retarder making it often used in cement additives to improve the physical and rheological 
properties of concrete such as superplasticisers and retarders.
4
 On the other hand, sodium 
gluconate has a high sequestering power like EDTA. Sodium gluconate is a good chelator at 
alkaline pH and its action is actually comparatively better than EDTA.
75
 Aqueous solutions of 
sodium gluconate are resistant to oxidation and reduction at high temperatures.  
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Figure 2.5: Structural formulae of gluconic acid (A) and glucono-δ-lactone (B). (Figure 
reprinted from S. Ekberg, C. Ekberg and Y. Albinsson, 2004.)
70
 
 
 
 
2.3.3 α-ᴅ-Isosaccharinic Acid (α-ISA)  
 
α-ISA, C6H12O6, more commonly known as ISA, is an important degradation product 
of cellulose from alkaline hydrolysis and is a complexing agent for metals. It is 
environmentally-friendly, easily biodegradable and strongly chelates many metal ions in 
different oxidation states giving ISA and its derivatives potential applications in 
decontamination and remediation processes for materials and sites contaminated with 
actinides making the studies of this organic acid important. ISA can be used for removing 
radionuclides from surfaces by chelating the radionuclides and increasing their water 
solubility when ISA is incorporated into a gel, foam or solution.76 When the ISA-containing 
substance is removed from the surface such as by washing with water, the surface is 
thereby contaminated. The typical manner in which ISA acts on an actinide, radionuclide or 
heavy metal is as follows: 
 
     An(OH)x
4-x 
(aq)  + y C5H11O4COO
- 
(aq)  → An(OH)x(C6H8O3COO)y
4-x-y 
(aq)                        (28) 
 
where An could be any actinide, radionuclide or heavy metal. 
 
ISA (pKa1 = 3.20)
74
 forms strong complexes with actinides in the IV oxidation state in 
the acidic and basic pH regions.
77, 78 The use of ISA as a chelating agent in decontamination 
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formulations has been proposed.
79, 80
 The most widely studied form of ISA, calcium ISA 
(CaISA2), has a low aqueous solubility that makes it less than ideal for use in water-based 
contamination formulations. The other form of ISA, sodium ISA (NaISA) was reported to 
have a relatively high aqueous solubility.
78, 81
 The reported information on the solubility of 
sodium ISA was qualitative with no specific values reported. ISA may also be present in the 
potassium form. The conversion of ISA to the soluble sodium or potassium form is 
necessary to get a sufficient amount of ISA in water to be used in decontamination.
76
 
 
 An investigation found that the crystal structures of NaISA and CaISA2 were 
significantly different.
80
 Bontchev et al.
80
 investigated the aqueous solubilities of both forms 
of ISA as a function of pH and the differences in the crystal structures of NaISA and CaISA2 
were examined. The purity of the synthesised sodium ISA was verified by X-Ray Diffraction 
(XRD) and Fourier Transform Infrared Spectroscopy (FT-IR). The solubility of NaISA was 
determined to be 1.18 - 1.23 mol dm
-3
 and showed no effect at pH 5 to 10 at 22 
o
C while the 
solubility of CaISA2 was reported to be at the mmol dm
-3
 level. 
 
There were several significant structural differences found between the calcium and 
sodium forms of ISA.
80
 The first difference was the degree of hydration of the two ISA salts. 
The solid NaISA crystallised with one water molecule per formula unit, NaC6H11O6.H2O. In 
the structure, the water molecules together with the sodium cations were arranged in 
separate layers between the ISA species and this accounted for the enhanced (H2O, Na
+
)solid 
↔ (H2O)solvent exchange and hence for increased solubility compared to calcium ISA. On the 
other hand, there were no solvent molecules in the structure of calcium ISA.  
 
The other factor affecting the solubility properties of the two ISA forms was the type 
of hydrogen bonding in both structures. In sodium ISA, the (O-H…O) hydrogen bonds 
resulted only in (ISA)
-
/ H2O layers with the connectivity in the third direction provided by OISA-
Na-OISA bonding. In Ca(An)-ISA (where An = actinide from this point onwards), there was a 
(O-H…O) network expanding in all three directions together with a set of OISA-Ca/An-OISA 
bonds.  
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The third difference was in metal coordination. In both forms of ISA, the metal atoms 
were coordinated by four (ISA)
-
 species. In NaISA, each ISA acted as a monodentate ligand 
while in CaISA2, the organic species acted as a bidentate ligand. Each sodium atom was 
coordinated by five oxygen atoms (4OISA + 1Owater) while each calcium atom was coordinated 
by eight oxygen atoms (8OISA). The calcium coordination was clearly much stronger than the 
sodium form of ISA. Structural differences between Na- and Ca(An)-ISA acted in accord and 
contributed to the higher solubility of NaISA in water. 
 
Polyhydroxycarboxylic acids like ISA are complexing agents for metals.
82-84
 The 
complexation of metals ions could involve the carboxyl group, hydroxyl group or a 
combination of both. Hydroxyl groups were more important than carboxyl groups at high pH 
values due to their greater abundance, and the complex formed depended on the number of 
hydroxyl groups as well as their position in the chain.
83
 Information regarding the 
complexation between ISA and metal ions is limited with most being found in the literature 
concerning radioactive waste disposal.
85, 86  
 
Information on speciation mainly concerned the formation of complexes between ISA 
and certain radionuclides of the elements thorium, europium and plutonium. A number of 
investigations indicated that tri- and tetravalent metals from the actinide series form stable 
and water-soluble complexes with ISA.
83, 87-92
 These reports have raised concern that the 
formation of soluble metal complexes might facilitate the dissolution and transport of waste 
materials in repository sites where cellulose and radioactive materials are brought into 
contact.
93
 
 
Although ISA forms strong complexes with all different oxidation states of actinides, 
the complexes it forms especially with tetravalent actinides are of the greatest interest.
76
 The 
main reason is actinides, especially plutonium and thorium, are expected to be present in the 
tetravalent state, the state at which they are extremely insoluble and therefore need to be 
removed for decontamination purposes. Tetravalent actinides, e.g. Pu(IV), U(IV) and Np(IV) 
are expected to be important components of LLW.
78  
 
Several authors
81, 94-96
 have examined the possibility that ISA interacts with various 
metal cations such as Th(IV), U(IV), Np(IV) and Pu(IV), to form species with much higher 
solubilities than the uncomplexed metal. Numerous metal-ISA solution species have been 
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proposed, including polymeric species, based on studies of equilibrium reactions of ISA 
solutions with Ca
2+
, Na
+
, H
+ and Np(IV) as the counter ions.
77, 81, 84
 Despite the importance of 
ISA in complexing actinides, only limited data is available on its effect on adsorption of 
actinides
94 and its adsorption by cements in very high pH regions.
97, 98
  
 
    No reliable thermodynamic data are available for aqueous complexes and solid 
phases involving ISA.
77, 78, 93
 The concentrations of calcium and the pH are expected to be 
high in most LLW repositories because of the use of cements to stabilise the wastes. 
Information is however not available on the dominant species as a function of pH, its 
complexes with calcium or the role of CaISA2 compounds on the total solubility of ISA. Such 
data, in addition to data on ISA complexes of actinides, are essential for developing reliable 
thermodynamic models and setting upper limits on ISA concentrations to predict its effect on 
the behaviour of actinides in LLW repositories.  
 
Van Loon et al.
97-101
 has noted that ISA was taken up by cements that generally 
contain high concentrations of calcium ions. The solid phase formed in cement waters was 
found to be Ca(H4ISA)2.
4
 ISA forms fairly insoluble calcium isosaccharinate [Ca(C6H11O6)2 
(c)] reported as Ca(ISA)2 (c). This compound could therefore control the total soluble ISA 
concentrations in alkaline repositories. Ca(ISA)2 is not commercially available and needs to 
be synthesised as described in Sections 2.3.3.1 and 2.3.3.2. NaISA can then be prepared 
from Ca(ISA)2 (Section 2.3.3.3). The calcium ion, Ca
2+
, binds to two molecules of ISA to form 
a dimer whereas the sodium ion, Na
+
, binds to ISA in a 1:1 ratio. Since ISA is not 
commercially available, other reagents similar to ISA tends to act as substitutions for ISA 
such as tetrahydroxypentanoic acid (C4H9O4COOH) and gluconate (C5H11O5COO
-
).
77
  
 
 
2.3.3.1 Lactone and Carboxylic Forms of α-ISA 
 
Alkaline conditions in the repository originating from the dissolution of concrete will 
lead to the degradation of cellulose and subsequent formation of ISA.
90, 100, 102, 103
 This 
carboxylic acid is a potent complexing agent for tetravalent actinides, as well as for trivalent 
lanthanides and actinides, and therefore affects the solubilities of these elements and their 
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interactions with the cement of the repository, making the studies of ISA of great interest in 
the long-term performance assessment of an underground repository.
85, 86, 89, 104
   
 
Two diastereoisomers, α and β-ᴅ-ISA are produced in approximately equal amounts 
by the alkaline degradation of cellulose. Each diastereoisomer in turn has two corresponding 
enantiomeric lactone conformations.
100, 102, 103, 105
 Only the α-ISA is being investigated in the 
context of this project. The conformations are pH dependent with the isosaccharinate form, 
ISA-, dominating at higher pH and the lactone form, ISAL, dominating at lower pH.
70, 93  
 
Since the ISA- is the dominant form from the perspective of an alkaline waste 
repository, it is probable that one or more hydrogen atoms of the –OH groups are involved in 
complexation reactions. Ekberg and Allard
106
 have indicated that the ionised –COOH group 
and the dissociated α-OH group were both involved in the complexation reaction with Th
4+
. 
In addition, in the presence of ISA
-
, the amount of substance in solutions of lanthanides and 
actinides has been increased several orders of magnitude due to the strong complexation, 
while at the same time, affecting their surface interactions.
107  
 
 The α-isosaccharinic system actually consists of three species; the carboxylic α-ᴅ-
ISA (HISA), α-ᴅ-isosaccharinate (ISA
-
) and α-ᴅ-isosaccharino-1,4-lactone (ISAL). The ISAL 
and HISA forms are represented in Fig. 2.6 below.  
 
 
 
Figure 2.6: Structural formulae of isosaccharino-1,4-lactone, C6H10O5 (ISAL) (left) and 
isosaccharinic acid, C6H12O6 (HISA) (right). (Figure reprinted from S. Ekberg, C. Ekberg and 
Y. Albinsson, 2004.)
70, 71 
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Little information is available regarding the kinetic transformation between these two 
forms. Previous studies have indicated that the transformation occurs at approximately pH 
8.
70, 71, 108
 There have also been studies which indicated that the transformation occurs 
between pH 6 and 10.
96
 Warwick et al.
108
 reported that the lactone form (ISAL) was present 
at pH less than 6 while the dominating form above pH 10 was the straight-chain HISA. At pH 
6 to 10, both the lactone and the straight-chain forms of α-ISA were present in solution. The 
concentrations of the lactone form could be regarded as negligible at pH above 
approximately 7.
107
  
 
No detailed studies regarding the transformation from the lactone to the carboxylic 
form and vice versa have been performed and only data pertaining to analogues are 
available. On the basis of the kinetic data available, the transformation from ISAL to HISA 
was faster than the reverse reaction, giving an understanding of the dynamics of the 
isosaccharinic system.
70, 71
 Warwick et al.
96
 also reported that kinetics affected the change in 
structure, where the lactone form in acidic conditions required eight minutes to be converted 
into the straight-chain form in alkaline conditions. The reverse reaction would require 1000 
minutes. The transformation from HISA to ISA lactone exhibited first order behaviour.
70
 
Hence when moving from acidic to alkaline pH, the lactone form might have initial fast 
transformation to the straight-chain form but a slow transformation back to the lactone form. 
 
Complexation involving ISA species was usually attributed to the carboxylic form, i.e. 
straight-chain form, in terms of complexing properties.
70, 71
 The availability of groups for 
complexation would change with changes in structure. As an example, the deprotonation of 
the –OH groups on ISA would be induced at lower pH than expected in the presence of a 
metal ion.
96
 This could greatly affect the metal-ISA complexes formed at a certain pH 
depending at which pH deprotonation occurred. The pKa of the –COOH group was reported 
to be 3.87 and was completely deprotonated at pH ≥ 5.3.
96
 If a –OH group was not 
deprotonated as pH increased, the deprotonation of the –COOH group could initiate some 
conformation change of the ISA molecule, which will affect the hydrogen bonding 
environments of some –OH groups. 
 
Complexation reactions involving one ISA
-
 ligand would require the deprotonation of 
4 or 5 alcohol groups in the cases of americium and thorium respectively. This would require 
the successful competition of the -OH groups of ISA
- 
in the presence of water and significant 
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concentrations of hydroxide, which seemed less likely.
107
 As previously indicated, Ekberg 
and co-authors
106, 107 have indicated that the ionised –COOH group and the dissociated α-
OH group were both involved in the complexation reaction with Th
4+
. Cho and co-workers
93
 
used NMR spectroscopy and revealed information that HISA lost only the single proton at 
the –COOH group as the pH of aqueous solutions was increased from pH 1 to pH 13. The 
NMR spectra also elucidated chemical and structural transformations that accompanied 
changes in solution pH, including the formation of ISAL at acidic conditions (at < pH 4) and 
the adoption of a ring conformation at higher pH values.   
 
 
2.3.3.2 Preparation of α-ISA – Part 1: Preparation of Calcium 2-C-(hydroxymethyl)- 
                                                              3-deoxy-D-erythro-pentonate, Ca(C6H11O6)2 
 
100 g of α-Lactose monohydrate (Sigma Aldrich, UK) were dissolved in 1 L of 
deionised water. 27 g of calcium hydroxide (Fisher Scientific, UK) were added and the flask 
was sparged with oxygen-free nitrogen for six hours. The reaction equation is shown in 
Equation 29 below. The flask was then stoppered and left at room temperature for three 
days. The resulting brown solution was refluxed for ten hours and filtered whilst hot. It was 
then evaporated in a stream of moving air until the volume was down to about 300 cm
3
. The 
mixture was subsequently refrigerated overnight and the white crystals were removed by 
filtration before washing with cold water, ethanol (Sigma-Aldrich, UK) and finally acetone 
(Sigma Aldrich, UK).
102, 103, 109
 
 
C12H22O11.H2O (s) + Ca(OH)2 (s)                    Ca(C6H11O6)2 (s)  + 2 H2O (l)                       (29) 
 
 
 
2.3.3.3 Preparation of α-ISA – Part 2: Recrystallisation of the Calcium Salt 
 
The calcium ISA is soluble in hot water to the extent of 1.19 g in 100 g of hot water. 
The salt was therefore dissolved in the required quantity of hot deionised water and the hot 
solution filtered free of calcium carbonate. It was then evaporated under reduced pressure in 
a RE 111 Rotavapor (Büchi, UK) until crystallisation began before storing for several days in 
a refrigerator. The solid was then recovered by filtration before washing and dried. 
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2.3.3.4 Preparation of α-ISA – Part 3: Preparation of the Sodium Salt, NaC6H11O6.H2O 
                                                               from the Calcium Salt 
 
 
The Ca(ISA)2 was mixed with the Chelex-100 (Biorad, USA) resin in the ratio of 1:25 
by mass in deionised water before mixing the suspension for three hours. The resin was 
filtered off with a Millipore (Merck Millipore, UK) 0.22 μm membrane filter. The solution was 
then concentrated by boiling down to about 100 cm3. It was then evaporated on a rotary 
evaporator until a thick brown syrup was obtained. The syrup was cooled and left at room 
temperature at ca. 20 
o
C to crystallise. The crystals were triturated in the presence of water-
free diethylether (Sigma Aldrich, UK) before filtration and re-washing with diethylether. The 
crystals were then dried in a Heraeus VT-6025 Vacutherm vacuum oven (Riley Surface 
World, UK) at 55 
o
C overnight.
98, 99, 101  
 
 
2.3.3.5 Characterisation of α-ISA 
 
After preparation of the sodium ISA, the salt was checked for its purity using several 
techniques and to confirm that the correct isomer had been prepared. The calcium ISA was 
characterised as well. Several techniques have been used for characterisation including 
melting points, ICP-OES, NMR (Nuclear Magnetic Resonance), Powder X-ray Diffraction 
(Powder XRD) and Infrared Spectroscopy (IR).  
 
Melting points were obtained for both the sodium and calcium ISA using a melting 
point apparatus (Stuart Equipment, USA). The results are shown in Table 2.8 below. 
 
Table 2.8: Melting points of sodium and calcium ISA. 
Salt Melting Points 
Sodium ISA 108 -110 
o
C 
Calcium ISA Decomposed at 260 
o
C to a brown solid 
 
 
A crystal of sodium ISA was analysed using Fourier Transform Infrared Spectroscopy 
(FTIR) to obtain infrared (IR) spectrum for the synthesised salt. The analysis was carried out 
using the FTIR-8300 Fourier Transform Infrared Spectrophotometer (Shimadzu, UK) coupled 
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with the IR Solution software. The Standard Golden Gate
TM
 ATR (Specac, UK) accessory 
was used. This accessory is a high performance single reflection monolithic diamond ATR 
product, featuring a Type IIIA diamond ATR element metal-bonded into a tungsten carbide 
mount. The Golden Gate
TM
 diamond ATR element has several advantages compared to 
obtaining IR spectra using KBr discs because this accessory has a robust design, strength 
and inherent inertness, thereby allowing it to be used to achieve high-quality spectral data in 
the analysis of a broad range of different materials. 
 
In addition, there is no sample preparation required. The only requirement is that the 
sample is in optical contact with the diamond element. The FTIR spectrum of Sodium ISA is 
shown in Fig. 2.7 below and the results are tabulated in Table 2.9. 
 
 
 
 
Figure 2.7: FTIR spectrum of sodium ISA. 
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Table 2.9: Table of peaks from the FTIR analysis of sodium ISA. 
Major Peaks (1/cm) Corresponding Functional Groups 
3301.28 O-H stretch 
2965.65 C-H stretch 
1580.72 Carboxylate Salt C=O 
1274.99 Carboxylate Salt C=O 
1131.29 Alcohol C-O 
1082.1 Alcohol C-O 
1052.2 Alcohol C-O 
 
 
 
 
      
Subsequently, 20 to 30 mg of sodium ISA was dissolved in deuterium oxide (Sigma 
Aldrich, UK) and the solution was then placed into a Nuclear Magnetic Resonance (NMR) 
tube before recording the proton spectra. NMR analysis was carried out using a DPX 400 
MHz NMR machine (Bruker, UK). The hydrogen atoms in the ISA molecule were numbered 
as shown in Fig. 2.8 and the results are tabulated in Table 2.10. The NMR spectra of the 
synthesised sodium ISA are given in Figs. 2.9 to 2.12. 
 
 
 
 
Figure 2.8: ISA in straight-chain form. 
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Figure 2.9: The full scale NMR spectrum of the synthesised sodium ISA showing the four 
different proton environments as assigned in Fig. 2.8. 
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Figure 2.10: The close-up view of the solvent peak at 4.713 ppm where the solvent was 
deuterium oxide.  
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Figure 2.11: The close-up view of the proton chemical shifts of Hc and Hd at ca. 1.6 to 1.8 
ppm as tabulated in Table 2.10. 
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Figure 2.12: The close-up view of the proton chemical shifts of Ha and Hb at ca. 3.4 and 3.6 
ppm; He at ca. 3.7 to 3.8 ppm; and Hf and Hg at ca. 3.3 and 3.5 ppm as tabulated in Table 
2.10. 
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Table 2.10: Table of proton chemical shifts from the proton NMR analysis of sodium ISA. 
Hydrogen Chemical Shifts (ppm) 
Ha and Hb 3.636-3.607, 3.438-3.409 
Hc and Hd 1.780-1.724, 1.612-1.563 
He 3.813-3.755 
Hf and Hg 3.533-3.494, 3.379-3.332 
 
 
 
Powder XRD pattern was obtained for the prepared powdered calcium ISA using the 
D8 X-ray Diffractometer (Bruker, UK). Rai et al.
77
 have published X-ray data for calcium ISA. 
The d-spacing value and angle 2-theta data are reproduced in Table 2.11 below. The 
comparison with the published data by Rai et al.
77
 were inconclusive as displayed in Table 
2.12. On the other hand, when compared with data peaks of Pointeau et al.
4
 and Evans,
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the data obtained showed good correlation with the literature data as presented in Table 
2.12. The calcium ISA diffractogram is given in Fig. 2.13. 
  
 
Table 2.11: X-ray Data for Calcium ISA. 
Angle 2-Theta (
o
) d-Spacing Value (Å) 
8.954 9.7447 
13.749 6.3850 
15.830 5.5007 
17.801 4.9473 
18.779 4.6945 
20.485 4.3765 
22.289 3.9641 
24.361 3.6320 
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Figure 2.13: The calcium ISA diffractogram showing the 2-theta angle at the x-axis and the 
d-spacing values at the top of each peak.
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Table 2.12: Comparison of peaks (Å) of Ca(ISA)2 diffractograms of this study and of the Rai 
et al., Pointeau et al. and Evans’ studies.
4, 77, 110  
d (Å) (this study) 9.74 6.39 5.50 4.95 4.69 4.38 3.96 3.63 
d (Å) (Pointeau et al.) 9.76 6.40 5.54 4.92 4.71 4.35 4.31 3.63 
d (Å) (Evans) 9.79 6.39 5.54 4.89 4.69 4.36 3.97 3.63 
d (Å) (Rai et al.) 10.17 6.55 5.69 5.10 4.79 4.03 3.43 3.38 
 
 
 
To ensure that the conversion from calcium ISA to sodium ISA had been successful 
as described in Section 2.3.3.3, a sample of sodium ISA was investigated using ICP-OES to 
determine the sodium to calcium ratio. A solution of sodium ISA of concentration 1 x 10
-4
 mol 
dm
-3
 was used. From the linear sodium and calcium calibration curves, the concentration of 
sodium was determined to be 261.62 ppm (11.38 mmol dm
-3
) and the calcium concentration 
was 0.157 ppm (3.93 x 10
-3 mmol dm
-3
). Since the concentration of sodium was ca. 1700 
times higher than the concentration of calcium, the conversion from calcium ISA to sodium 
ISA was regarded as successful. The sodium ISA was subsequently used in experiments as 
described in Sections 2.2.6 and 2.2.7. 
 
 
2.4 MEASUREMENT OF THE ACTUAL CONCENTRATIONS OF THE URANIUM STOCK 
SOLUTIONS BY INDUCTIVELY COUPLED PLASMA-OPTICAL EMISSION 
SPECTROSCOPY (ICP-OES) 
 
 
2.4.1 Preparation of the Uranium Calibration Standards and Uranium Samples 
 
Uranium calibration standards were prepared using SPEX CertiPrep 1000 mg/L 
uranium (Fisher Scientific, UK) in 2 % HNO3. The concentrations of the standards were 0 
(blank), 1, 2, 5, 10, 15, 20, 25, 50, 75 and 100 ppm. A typical linear calibration curve is 
shown in Fig. 2.14. The uranium samples needed to be diluted before analysis by ICP-OES 
after preliminary investigations showed that the concentration of the uranium sample was in 
the ppm range. 50-fold dilutions of the uranium stock solutions (with and without excess 
sodium carbonate before dilution with supporting electrolyte) were carried out in 10 mL 
centrifuge tubes. 
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 2 % v/v Trace Metal Grade Nitric Acid (Assay 67-69 %) (Fluka Analytical, UK) was 
added to each sample to matrix match the sample and standards before making up with 
deionised water to 10 mL. The standards and uranium samples were then analysed by ICP-
OES. The 2 % HNO3 was also used as the cleaning solution. The reason was HNO3 would 
clean the introduction system better than pure water. If pure water was used, residual 
memory might be washed out while introducing acidic samples, thereby affecting the 
quantitative measurement.  
 
10 mL of the uranium stock solutions (with and without excess sodium carbonate 
before dilution with supporting electrolyte prepared as described in Sections 2.2.4 and 2.2.6) 
were filtered using 0.22 µm syringe filters (Whatman, UK) to remove any colloids present. 
50-fold dilutions of the filtered stock solutions were re-analysed by ICP-OES to check if the 
concentration of the uranium stock solutions had actually altered, which would determine 
whether the colloids were present or not. The results obtained indicated that colloids were 
not present in the uranium solutions because the concentrations of uranium were similar 
before and after syringe filtration. 
 
The preparation of the atmosphere-equilibrated carbonate (PCO2 = 10
-3.5
 atm) uranium 
stock solution was initially done by adding sufficient concentrated HCl to remove the 
carbonate, which would have bubbled out as carbon dioxide. A 210-fold dilution of the 
already diluted uranium stock solution was analysed by ICP-OES to determine its new 
concentration. Subsequently, the atmosphere-equilibrated carbonate (PCO2 = 10
-3.5
 atm) 
uranium stock solution, i.e. the uranium stock solution without added excess sodium 
carbonate, was prepared as described in Section 2.2.6 before analysis by ICP-OES for its 
actual uranium concentration. The results of the ICP-OES analyses are linear calibration 
curves with a typical curve shown in Fig. 2.14. The ICP-OES parameters employed are 
given in Table 2.13. 
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Table 2.13: ICP-OES parameters used in experiments. 
Argon Gas Pressure 500-700 kPa 
RF Generator Power 1150 W 
Pump Rate 25 rpm 
Nebuliser Gas Flow 0.5 L/min 
Auxiliary Gas Flow 0.5 L/min 
Coolant Gas Flow 16 L/min 
Purge Gas Flow Normal 
 
 
Figure 2.14: A typical linear calibration curve of ICP uranium standards of various 
concentrations. The concentrations of the uranyl nitrate stock solutions were calculated 
using the equation obtained. 
 
 
 
2.4.2 Preparation of the ICP-OES for Analysis 
 
The iCAP 6000 Spectrometer Series is a range of inductively coupled argon plasma-
optical emission spectrometers (ICP-OES) which use an Echelle optical design and a 
Charge Injection Device (CID) solid-state detector to provide elemental analysis. ICP-OES is 
a type of emission spectroscopy that uses the ICP to produce excited atoms and ions that 
emit electromagnetic radiation at wavelengths characteristic of a particular element.
111, 112
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Before analysis, the utilities needed to be checked, such as the argon gas pressure (500-
700 kPa), the exhaust duct had been turned on, the cooling water (the chiller or the heat 
exchanger had been turned on at ca. 18 
o
C) and the drain and rinse tank was not full. The 
peristaltic tubing including the sample, drain and internal standard lines had to be checked 
as well to make sure they were properly connected for sample uptake. The instrument is 
then left to stabilise for approximately 20 minutes before analysis. 
 
 
2.4.3. Analysis of the Uranium Calibration Standards and Uranium Samples 
 
The ICP-OES instrument is a Thermo Fisher Scientific iCAP 6300 Duo model with 
the computer-based iTEVA software which controls the ICP-OES, acquires data and 
analyses the required data. The iTEVA operating software provides full control of all the 
instrument functions including plasma ignition, gas flows, viewing position and monitoring of 
the safety interlocks. The ICP-OES is comprised of two parts: the ICP and the optical 
spectrometer. The components of an ICP-OES are the sample introduction parts, plasma 
torch, interlocks, CID detector with thermoelectric cooling, radio frequency (RF) power 
generator and optical system.  
 
The iCAP 6300 is suitable for the most demanding applications with a high 
performance Echelle spectrometry covering 166-847 nm, thereby offering excellent 
resolution over the entire spectrum, enabling access to all wavelengths and a high power 
solid state RF generator (up to 1500 W). The iCAP 6300 is therefore suitable for the most 
demanding applications, such as the analysis/detection of trace metals or contaminants in 
complex matrices. The system configuration of the iCAP 6300 Duo ICP-OES included a 
standard gas box, axial and radial view plasma optics.   
 
The plasma may be viewed axially for applications requiring the lowest detection 
limits or radially to minimise matrix effects and reduced interference, thereby making it ideal 
for environmental samples. Radial signals are measured via an auxiliary optical path that 
collects light from an aperture in the side of the torch and images it on the entrance optics. 
The orientation of the plasma view can be set in the method and is completely automatic. 
The available viewing options are all axial, all radial, Autoview or on a line-by-line basis 
selected by the operator. 
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2.4.3.1 Sample Introduction System 
 
The sample introduction part of the ICP-OES consists of three components; the 
nebuliser, spray chamber and sample pump. The nebuliser is glass-fitted concentrically as 
standard. The spray chamber is a glass cyclonic type with separate radial or axial 
connection adaptor. The sample pump for the iCAP 6300 is a high precision 12-roller, 3-
channel pump with high speed adjustable from 0-125 rpm. The standby mode available 
prevents damage to the pump tubing when the plasma is shut down. The iCAP 6300 comes 
with a Cetac autosampler. It is a fully programmable X-Y-Z type sample changer with 60-
position sample racks supplied as standard. 
 
Most samples are liquids that are pumped through the nebuliser to produce a fine 
spray. The large droplets are removed by the spray chamber and the small droplets then 
pass through to the plasma. The solvent is evaporated. The residual sample then 
decomposed to atoms and ions that become excited and emit characteristic light. This light 
is subsequently measured which gives a measurement of the concentration of each element 
type in the original sample. In this project’s analysis, the isotope of interest was uranium-
238. The concentrations of the uranium stock solutions were hence obtained using this 
method.   
 
 
2.4.3.2 Plasma Source/Torch 
 
The plasma source is an Inductively Coupled Argon Plasma using the internationally 
approved Industrial Scientific and Medical (ISM) RF bands. The plasma ignition and 
operation processes are fully automated and computer-controlled. The plasma torch is a 
demountable quartz torch fitted with a 2 mm centre tube as it is a duo instrument. The output 
or “work” coil of the solid state RF generator (with a power efficiency of > 78 %) surrounds 
part of this quartz torch. The torch design includes a quick release, pre-aligned mounting 
block which does not require any tools for its removal. The mount incorporates torch gas 
connections making its removal and subsequent replacement a very simple operation. Argon 
gas is typically used to create the plasma. For the iCAP 6300, the nebuliser gas flow is 
manually controlled from 0-0.4 MPa. The auxiliary gas is controlled with precision restrictors 
with flows of 0, 0.5, 1.0 and 1.5 L/min. The coolant flow is fixed at 12 L/min. The nebuliser, 
auxiliary and coolant gases were all argon. 
122 
 
When the torch is turned on, an intense electromagnetic field is created within the 
coil by the high power RF signal flowing in the coil. This RF signal is created by the RF 
generator. The argon gas flowing through the torch is ignited with a Tesla unit that creates a 
brief discharge arc through the argon flow to initiate the ionisation process. The Tesla unit is 
turned off once the plasma is “ignited”. The argon gas is ionised in the intense 
electromagnetic field and flows in a particular rotationally symmetrical pattern towards the 
magnetic field of the RF coil. A stable and high temperature plasma of about 7000 K is then 
generated as the result of the inelastic collisions created between the neutral argon atoms 
and the charged particles. 
 
An aqueous or organic sample is delivered by a peristaltic pump into a nebuliser, 
where it is converted into mist and introduced directly inside the plasma flame. The sample 
immediately collides with the electrons and charged ions in the plasma and is then broken 
down into charged ions. The various molecules break up into their respective atoms which 
then lose electrons and recombine repeatedly in the plasma, where radiation is given off at 
the characteristic wavelengths of the elements involved.  
 
 
2.4.3.3 Optical System 
 
The optical system is a high energy Echelle cross dispersion optical system with 
“side-by-side” optical arrangement of prism and grating. Its unique and all spherical mirror 
design provides high image quality, improved optical resolution and very low stray light 
performance. The effective focal length is 383 mm and the imaging is in a 1:1 ratio. The 
entire spectrometer and fore optics are purged with argon or nitrogen. A normal running flow 
of 2 L/min is used with a boost of 2 L/min for optimum performance at wavelength of < 200 
nm. A purged environment is maintained with a standby flow of 1 L/min when the plasma is 
extinguished. The wavelength coverage includes a lower wavelength limit of 166.250 nm 
thereby allowing the determination of aluminium at the most sensitive wavelength of 167.120 
nm. This coverage is extended to 847.000 nm for the option of determining potassium at 
766.490 nm and sodium at 818.326 nm. Within the optical chamber, after the light is 
separated into its different wavelengths, i.e. colours, the separated wavelengths will fall upon 
an array of detectors.  
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2.4.3.4 Charge Injection Device (CID) Detector with Cooling System 
 
The detector type is a RACID86 CID. It is a high performance solid state CID camera 
system. The CID is an enhanced charge transfer device which delivers high contrast and low 
noise imaging and quantification of all wavelengths in the analytical range without blooming. 
The array size includes 291,600 individually addressable detector elements in a 540 x 540 
array for continuous coverage of the available wavelengths. There are three detector modes 
which are Random Access Integration (RAI), Full Frame Imaging and Time Domain 
Spectroscopy. The detector comes with a cooling system, which is a high efficiency triple 
stage thermoelectric cooling device. It maintains the detector at a constant temperature of -
45 
o
C. Interlocks are also provided for purge gas and cooling water to prevent possible 
damage should a failure of the services occur. 
 
With these detector arrays, the intensities of all the wavelengths that are within the 
system’s range can be measured simultaneously. This allows the instrument to analyse for 
every element/isotope to which the unit is sensitive, all at once. Samples can thus be 
analysed very quickly. The intensity of each line is then compared to previously measured 
intensities of known concentrations of the elements, i.e. the standards, and the 
concentrations of the samples can then be computed by interpolation along the calibration 
lines.  
 
 
2.4.3.5 System Operation 
 
The iCAP 6000 is designed to be constantly switched on and the optical system 
continuously purged. If the gas supplies have been switched off, the optical components 
should be purged for at least one hour before powering the instrument. If the instrument has 
been switched off, then at least two hours should be allowed after restoring power to 
thermally stabilise the instrument before the chiller is turned on. A blank sample should be 
aspirated for ten minutes to allow the instrument to fully stabilise before analysis.  
 
An internal standard is a reference element that can be used to correct for changes 
in signal intensity caused by external factors. By definition, it should not occur naturally in the 
sample, but is added to compensate for sampling differences. It must therefore behave the 
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same as other elements requiring analysis in the sample. The use of internal standards is 
not required for all types of analysis, but is typically employed where fluctuations in sample 
loading of the plasma may vary. This is often caused by differing sample physical properties, 
for example viscosity, dissolved solid, surface tension or volatility. In the analyses carried out 
for this project, an internal standard was not required. 
 
After an analysis is finished, a blank sample, i.e. 2 % HNO3, should be aspirated for 
five minutes to ensure that the sample introduction system had been rinsed of the samples. 
Deionised water should be aspirated for a further minute to remove the blank sample. When 
organic solvent based samples are being analysed, the final rinse should be the pure 
solvent. Air should be aspirated for two minutes to remove any organic vapours. After 
completing the above procedures, the plasma should be turned off. The optical components 
will move to a parked position after about 30 seconds. Five minutes should be allowed after 
switching off the instrument or accessories before disconnecting the electrical power or other 
supplies. 
 
 
2.5 SUMMARY 
 
The detailed experimental procedures, parameters and reagents were generally used in 
most experiments described in this thesis. Any deviations from those will be noted in the 
specific results’ chapters subsequently. 
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CHAPTER 3: SUPPORTING ELECTROLYTE INVESTIGATIONS 
 
3.1 CHAPTER OUTLINE 
 
This chapter describes studies in which different supporting electrolyte solutions were 
investigated to find the most suitable for the cyclic voltammetry experiments. The supporting 
electrolyte solutions used were deionised water (as the solvent at neutral and near-neutral 
pH values) and aqueous solutions of potassium nitrate, sodium perchlorate, and sodium 
chloride. It is essential to note that in acidic and alkaline solutions, deionised water was used 
as the starting material and adjusted to the required pH values using minimal amounts of 
HNO3 (1 % or 5 % v/v of 70 % concentrated HNO3) or KOH (0.01-2 mol dm
-3
). The working 
electrode employed was a commercially-available glassy carbon electrode. The potential 
range varied according to requirements but the scan rate was maintained at the optimised 
0.1 V/s. 
 
 
 
3.2 SUPPORTING ELECTROLYTE INVESTIGATIONS USING URANIUM IN AQUEOUS 
SOLUTION 
 
3.2.1 Investigations using 0.5 mol dm-3 Potassium Nitrate 
0.5 mol dm
-3 potassium nitrate was primarily investigated to check its suitability as a 
supporting electrolyte for the uranyl nitrate cyclic voltammetry experiments because it shared 
a similar anion with uranyl nitrate, i.e. the nitrate ion. Results displayed in Figs. 3.1 and 3.2 
evidently showed that potassium nitrate was not suitable as nitrate reduction occurred at 
both low and high pH values of pH 1.84 and 12.68 respectively. The nitrate reduction 
occurred at negative peak potentials of -0.25 V and -0.39 V for analyses at pH 1.84 and pH 
12.68 respectively. The nitrate reduction peak was seen at peak potentials of around -0.25 V 
to -0.27 V up until ca. pH 5.5 before disappearing. The peak then re-appeared at ca. pH 11.3 
to pH 12.7 at peak potentials of -0.33 V to -0.39 V. The full set of cyclic voltammograms 
across the pH range is given in Appendix I.  
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Figure 3.1: Cyclic voltammogram of ca. 10
-5
 mol dm
-3
 uranyl nitrate in 0.5 mol dm
-3 
potassium nitrate obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s 
and initial potential of +1.5 V at pH 1.84. 
 
 
Figure 3.2: Cyclic voltammogram of ca. 10
-5
 mol dm
-3
 uranyl nitrate in 0.5 mol dm
-3 
potassium nitrate obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s 
and initial potential of +1.5 V at pH 12.68. 
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The peaks were identified as the nitrate reduction peaks because they appeared in 
the cyclic voltammograms shown in Figs. 3.3 and 3.4 at similar peak potentials of -0.28 V 
and -0.33 V at similar pH values of 1.72 and 12.70 respectively. These cyclic 
voltammograms were cyclic voltammograms of the 0.5 mol dm
-3 potassium nitrate supporting 
electrolyte solutions in the absence of uranyl nitrate. Since these peaks appeared in the 
background and uranyl nitrate cyclic voltammograms at similar current responses, i.e. in the 
absence and presence of aqueous uranium, the peaks could therefore be assigned to the 
reduction of nitrate with little ambiguity. Cuibus
69
 has stated that by applying electrochemical 
methods such as voltammetric techniques, nitrates could be reduced to several intermediary 
or final products like nitrite, hydroxylamine, ammonia and molecular nitrogen. The first 
electron transfer step in the reduction of nitrate is to form nitrite as shown in the following 
equation. 
 
              NO3
- (aq) + 2H
+ 
(aq) + 2e-             NO2
- 
(aq) + H2O (l)                                (30) 
 
There have been few studies on the electrochemical reduction of nitrate on a glassy 
carbon electrode but there are studies on several different electrodes. Therefore, the 
reduction of nitrate at an electrode is not uncommon but the peak potentials obtained in this 
study could not be directly compared to the literature values because the working electrodes 
and experimental conditions such as the choice and ionic strength of the supporting 
electrolyte solutions were different.  
 
Thinh et al.
113
 studied the cathodic reduction of nitrate and nitrite ions on a copper 
electrode in 0.14 mol dm
-3 potassium chloride solution using cyclic voltammetry. The 
voltammograms obtained showed that the reduction of nitrate and nitrite ions started at 
potentials of -0.75 and -0.95 V with peak potentials of -1.25 to -1.30 V and -1.20 to -1.25 V 
respectively against the Ag/AgCl reference electrode.
113
 It was suggested by the authors 
from their data analysis that in the potassium chloride solution, the reduction of nitrate and 
nitrite ions was irreversible. This was similar to the results shown in Figs. 3.1 to 3.4 where 
the reduction of nitrate was indeed irreversible although the peak potentials were less 
negative than the reported literature most probably due to different experimental conditions 
and parameters. Massai et al.
114
 have also studied the electrocatalytic reduction of nitrate at 
a copper electrode but in 0.1 mol dm
-3 perchloric acid using the linear sweep voltammetry 
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method. They showed that the reaction proceeded in two charge transfer steps where nitrate 
was reduced to nitrite at -0.6 V and nitrite was reduced to nitrogen oxide at -0.7 V.
114
 
 
In another report, De and co-workers
115
 revealed that the nitrate and nitrite ions could 
be reduced with the formation of ammonia at a potential of ca. -0.9 V versus the Ag/AgCl 
reference electrode in a neutral pH solution of 1.0 mol dm
-3 sodium perchlorate using 
modified carbon fibre electrodes. The cyclic voltammograms obtained showed that nitrate 
reduction occurred at ca. -0.6 to -0.9 V before hydrogen evolution. In a separate experiment, 
the electroreduction of nitrate and nitrite ions on iridium-deposited carbon fibre electrodes in 
aqueous sodium perchlorate solutions of pH 7 was studied using cyclic voltammetry. Nitrate 
was reduced to nitrite at a peak potential of -0.8 V.
116
 The results obtained suggested a 
minimal effect of pH on nitrate reduction in the pH range of 2.0 to 13.0 in a sodium 
perchlorate solution at the carbon surface. This will be discussed further in Section 3.2.3 in 
experiments using sodium perchlorate as the supporting electrolyte. 
 
At above ca. pH 11, the solvent oxidation peak was also observed at peak potentials 
of +1.27 to +1.39 V (see Fig. 3.2 and Fig. 3.4). In acidic conditions of ca. pH 1.8 to pH 3.0, 
slight “bumps” of oxidation and reduction reactions could be seen at around +0.2 V. The 
nitrate reduction waves were evidently suppressing or obscuring the appearance of the 
uranium redox waves, i.e. interfering with the redox behaviour of uranium in aqueous 
solution because these waves appeared at more significant current responses compared to 
the uranium ones, thereby causing the uranium redox waves to be ill-defined. Therefore, an 
alternative supporting electrolyte was needed and is detailed in subsequent sections of this 
chapter. The complete set of results obtained using potassium nitrate as the supporting 
electrolyte across the pH range is presented in Appendix I.  
 
It needs to be noted that the potential range employed in the uranyl nitrate cyclic 
voltammetry experiments using potassium nitrate as the supporting electrolyte was between 
-0.8 V to +1.5 V in contrast with -0.3 V to +1.2 V when using deionised water as the solvent 
at neutral and near-neutral pH values (or the starting material in acidic and alkaline solutions 
and adjusted to the required pH values using HNO3 or KOH respectively) and sodium 
chloride or sodium perchlorate as the supporting electrolyte. The main reason was this set of 
experiments was the first investigation and hence a larger potential range was used for 
scoping, method development and parameter optimisation purposes.  
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The current range obtained for the former was approximately 10
-3 to 10
-4 A and this 
was about two orders of magnitude higher than the current range obtained for the latter, 
which was approximately 10
-5 to 10
-6 A across the pH range. The main cause was the 
presence of a current lag at the starting potential, i.e. at +1.5 V due to perhaps a fairly fast 
scan rate of 0.1 V/s. This lag was subsequently eliminated in experiments from Chapter 4 
onwards by adopting the chronoamperometry technique for 10 seconds before the cyclic 
voltammetry technique. The results obtained in the first ten seconds were hence not plotted 
and the current lag was successfully eliminated. 
 
 
 
 
Figure 3.3: Cyclic voltammogram of 0.5 mol dm
-3 potassium nitrate obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +1.5 V at pH 1.72. 
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Figure 3.4: Cyclic voltammogram of 0.5 mol dm
-3 potassium nitrate obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +1.5 V at pH 12.70. 
 
 
 
3.2.2. Investigations using Deionised Water as a Solvent or Starting Material 
 
Deionised water was used as the solvent without the addition of a supporting 
electrolyte to provide a simple system when investigations were carried out at neutral and 
near-neutral pH values. From Figs. 3.5 and 3.6 (green voltammograms), it could be 
concluded that deionised water did not provide sufficient ionic strength for the analyses 
because the redox waves were not very explicit. ‘Noisy’ voltammograms were expected 
originally because water is a poorly conductive solvent but the ‘noise’ was not visible in the 
results obtained. In fact, the cyclic voltammograms obtained for deionised water without the 
addition of any acid/alkali and uranyl nitrate produced similar background currents to the 
cyclic voltammograms obtained for uranyl nitrate in deionised water as shown in Fig. 3.5 
(green voltammogram). All experiments used deionised water as the starting material but the 
water was subsequently adjusted to the required pH values using minimal amounts of HNO3 
or KOH when making acidic and alkaline solutions respectively. 
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Figure 3.5: Cyclic voltammograms of ca. 10
-5
 mol dm
-3
 uranyl nitrate in two 0.2 mol dm
-3
 
supporting electrolyte solutions and water as the solvent/starting material obtained using a 
glassy carbon working electrode at a scan rate of 0.1 V/s and initial potential of +1.2 V at ca. 
pH 1.4. 
 
 
Figure 3.6: Cyclic voltammograms of ca. 10
-5
 mol dm
-3
 uranyl nitrate in two 0.2 mol dm
-3
 
supporting electrolyte solutions and water as the solvent/starting material obtained using a 
glassy carbon working electrode at a scan rate of 0.1 V/s and initial potential of +1.2 V at ca. 
pH 12.7. 
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The results showed that uranium was indeed present in solution as a set of redox 
waves could be clearly seen at a low pH of ca. pH 1.6 (see Fig. 3.5 – green voltammogram), 
where a first reduction peak was observed at a peak potential of 0.255 V while an oxidation 
peak was seen at a peak potential of 0.308 V. No redox wave was seen at high pH 
conditions at ca. pH 12.6 (see Fig. 3.6 – green voltammogram). A summary of the redox 
peak potentials of uranyl nitrate in deionised water as the solvent in neutral and near-neutral 
solutions or the starting material in acidic and alkaline solutions (adjusted to the required pH 
values to make acidic and alkaline solutions using HNO3 or KOH respectively) obtained 
across the pH range is given in Table 3.1 below. 
 
 
Table 3.1: Table of redox peak potentials across the pH range for the analysis of 10
-5 mol 
dm
-3
 uranyl nitrate in water as the solvent or starting material obtained at a scan rate of 0.1 
V/s, where minimal amounts of dilute HNO3 or KOH was added to adjust the pH when 
making acidic or alkaline solutions, so as not to change the ionic strength of the solution 
significantly. 
pH First Reduction Peak Potential (V) Oxidation Peak Potential (V) 
1.63 0.255 - 0.302 0.265 - 0.308 
2.08 0.144 - 0.189 0.183 - 0.230 
2.64 0.161 - 0.179 0.146 - 0.166 
3.06 0.121 - 0.159 0.114 - 0.159 
3.75 Inflection Inflection 
5.69 Inflection Inflection 
6.64 - - 
7.93 - - 
8.90 - - 
10.13 - - 
10.75 - - 
11.43 - - 
12.06 - - 
12.68 - - 
 
 
In addition, a second small uranium reduction wave was seen under acidic 
conditions. The second reduction peak occurred at peak potentials of -0.157 V, -0.160 V, -
0.207 V and -0.246 V at pH 1.63, 2.08, 2.64 and 3.06 respectively. It was apparent that the 
peak potentials were moving in the negative direction as pH increased. This was similar to 
results in Table 3.1 above, where both the reduction peak potentials for the first uranium 
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reduction peak and the oxidation peak potentials were also moving in the negative direction 
as pH increased. No redox reaction was observed above neutral pH values. 
 
At very acidic conditions, i.e. ca. pH 1.60 to 3.10, the first uranium reduction wave 
corresponded to the reduction of U(VI) to U(IV) and subsequently U(IV) was reduced to U(III) 
as represented by the second reduction wave. It was very certain that the first reduction 
wave was of U(VI) to U(IV) and not of U(VI) to U(V) from the results obtained using sodium 
chloride as the supporting electrolyte (see red voltammogram in Fig. 3.5). There was a 
reduction wave at more positive peak potentials of ca. 0.912 to 0.942 V, which corresponded 
to the reduction of U(VI) to U(V). This will be elaborated further in Section 3.2.4.  
 
The reason why U(VI) was reduced directly to U(IV) without going through the U(V) 
transition state could not be justified at this stage but it could probably be attributed to the 
fact that only deionised water was used as the starting material without a supporting 
electrolyte solution to provide sufficient ionic strength. In these acidic solutions, even though 
HNO3 was added to the deionised water (starting material), the improved ionic strength had 
no significant effect on the results. A supporting electrolyte is needed to increase the 
conductivity of a solution and minimise the solution’s resistance, as the supporting 
electrolyte has an ionic strength and conductivity much larger than those of the electroactive 
species added to the electrolyte. 
 
Referring again to the results obtained using deionised water as the starting material 
and adjusted to the required pH values using 1 % or 5 % v/v of 70 % concentrated HNO3 
(green voltammogram in Fig. 3.5), the re-oxidation wave corresponded to the re-oxidation of 
U(IV) back to U(VI). The U(III) to U(IV) re-oxidation wave was not observed because U(III) is 
a very strong reducing agent and is easily oxidised by water.
47
 An additional point to note is 
that the nitrate reduction peak was not observed when using deionised water as the starting 
material (adjusted to pH 1.63 using HNO3) in comparison to using potassium nitrate as the 
supporting electrolyte solution for uranyl nitrate.  
 
There might be a few reasons as to why nitrate reduction was not observed. Firstly, it 
could again be attributed to the fact that deionised water did not provide sufficient ionic 
strength for the nitrate reduction reaction to occur even when used as a starting material with 
the addition of HNO3 or KOH when making acidic and alkaline solutions respectively. The 
other reason could be the only nitrate ions present when using deionised water as the 
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solvent were from uranyl nitrate giving approximately 5 x 10
-5
 mol dm
-3
 nitrate ions only. This 
produced a significantly lower concentration of nitrate ions in solution, when compared to 
using 0.5 mol dm
-3 potassium nitrate as the supporting electrolyte, which produced a much 
higher concentration of nitrate ions for the redox reactions of nitrate. Therefore, the low 
concentration of nitrate ions could have produced a tiny peak with a small current response 
even if nitrate reduction did occur but it was not observed as the uranium redox peaks gave 
much larger current responses which could have potentially obscured the nitrate reduction 
peak. 
 
 
3.2.3 Investigations using 0.2 mol dm
-3
 Sodium Perchlorate as a Supporting 
Electrolyte 
 
Subsequently, 0.2 mol dm
-3 sodium perchlorate was used as the supporting 
electrolyte to provide a higher ionic strength. A set of uranium redox waves was observed at 
acidic conditions of ca. pH 1.3 in Fig. 3.5 (blue voltammogram), where the first reduction 
peak of aqueous uranium occurred at a peak potential of +0.234 V and the oxidation peak of 
aqueous uranium occurred at a peak potential of +0.321 V. At acidic conditions, both the 
oxidation and reduction peaks occurred at similar peak potentials to those obtained using 
deionised water as the starting material with the addition of HNO3 to adjust the pH. The 
redox waves were however more defined than those obtained using deionised water as the 
starting material (adjusted to pH 1.63 using HNO3) and they also occurred at slightly higher 
current responses. Therefore the identity of the reduction peak was also of U(VI) reduced to 
U(IV) while the oxidation peak was of U(IV) being re-oxidised to U(VI) similar to results 
obtained using deionised water as the starting material under acidic conditions. 
 
 This led to the conclusion that a higher ionic strength (0.2 mol dm
-3 for sodium 
perchlorate as opposed to zero ionic strength for deionised water at neutral and near-neutral 
pH values) was required for the voltammetric analyses of uranium in aqueous solution to 
give more defined redox waves and higher current responses. This is because a supporting 
electrolyte functions to minimise the solution’s resistance and increase its conductivity. 
Although either dilute HNO3 or KOH was added to adjust the pH of the uranyl nitrate 
solutions in deionised water to the required pH values under acidic and alkaline conditions 
respectively, it was added in minimal amounts and therefore should not be expected to affect 
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the ionic strength significantly. Similar to analysis using deionised water as the starting 
material (adjusted to pH 12.68 using KOH), no redox wave was observed at high pH of ca. 
pH 12.8 (see Fig. 3.6 – blue voltammogram). A summary of the redox peak potentials of 
uranyl nitrate in sodium perchlorate obtained across the pH range is given in Table 3.2. 
 
 
Table 3.2: Table of redox peak potentials across the pH range for the analysis of 10
-5 mol 
dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium perchlorate obtained at a scan rate of 0.1 V/s, 
where minimal amounts of dilute HNO3 or KOH was added to adjust the pH so as not to 
change the ionic strength of the solution significantly. 
pH First Reduction Peak Potential (V) Oxidation Peak Potential (V) 
1.37 0.238 - 0.268 0.323 - 0.343 
1.84 0.233 - 0.255 0.280 - 0.292 
2.77 0.173 - 0.204 0.181 - 0.199 
3.11 Inflection 0.156 - 0.174 
4.08 - - 
5.30 - - 
6.79 - - 
7.68 - - 
8.41 - - 
9.06 - - 
10.01 - - 
10.75 - - 
11.48 - - 
12.15 - - 
12.81 - - 
 
 
 
In addition, a second small uranium reduction wave similar to the one obtained using 
deionised water (as the starting material and the pH adjusted using HNO3 to make acidic 
solutions) was seen under acidic conditions. The second reduction peak obtained using 0.2 
mol dm
-3 sodium perchlorate as a supporting electrolyte occurred at peak potentials of -0.247 
V, -0.173 V and -0.217 V at pH values of 1.37, 1.84 and 3.11 respectively. The second 
reduction peak was not seen at pH 2.77. This could not be explained in this occasion. 
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 In contrast to the results obtained using deionised water as the starting material 
(adjusted to the required pH values to make acidic solutions using HNO3), the results 
obtained using 0.2 mol dm
-3 sodium perchlorate showed no obvious trend in terms of the 
peak potentials for the second uranium reduction peak. Results in Table 3.2 above for the 
first uranium reduction peak potentials and the oxidation peak potentials followed a trend 
however, where the peak potentials were moving in the negative direction as pH increased 
similar to results obtained using deionised water as the starting material. No redox reaction 
was observed above pH 4.00. 
 
At pH 1.37, 1.84 and 3.11, the first uranium reduction wave corresponded to the 
reduction of U(VI) to U(IV) and subsequently U(IV) was reduced to U(III) as represented by 
the second reduction wave. The oxidation wave corresponded to the re-oxidation of U(IV) 
back to U(VI). The U(III) to U(IV) re-oxidation wave was not observed because U(III) is a 
very strong reducing agent and is easily oxidised by water.
47
 Uranium in its lowest oxidation 
state of U(III) is unstable in water and will yield hydrogen gas in its re-oxidation to U(IV).  All 
the oxidation waves of U(IV) to U(VI) occurred at positive peak potentials while the re-
oxidation of U(III) to U(IV) was predicted to most likely occur at negative peak potentials. At 
pH 2.77, the second uranium reduction wave was not seen so U(VI) was reduced to U(IV) 
only and then re-oxidised to U(VI). The formation of U(III) from U(IV) depended on the acidity 
and the nature of the supporting electrolyte in the same way as reported by Becker and 
Tobias.
117
 
 
In addition, similar to the results obtained using deionised water as the starting 
material (adjusted to the required pH values to make acidic solutions using HNO3), the 
reason why U(VI) was reduced directly to U(IV) without going through the U(V) transition 
state could not be explained as the ionic strength provided by 0.2 mol dm
-3 sodium 
perchlorate was the same as the ionic strength provided by 0.2 mol dm
-3 sodium chloride. It 
could therefore be concluded that the ionic strength of the supporting electrolyte had limited 
influence on the redox behaviour of uranium in aqueous solution in this case. The factor 
affecting the redox behaviour of aqueous uranium could hence be attributed to the type and 
nature of the supporting electrolyte instead since the anions of both salts (chloride and 
perchlorate ions) were different. Further experiments would be needed for justification, but 
not necessary for the purpose of choosing a suitable supporting electrolyte for the cyclic 
voltammetry experiments of uranyl nitrate. 
138 
 
The nitrate reduction peak was also not observed similar to results obtained using 
deionised water as the starting material/solvent (adjusted to the required pH values to make 
acidic and alkaline solutions using HNO3 or KOH respectively where necessary). There 
might be a few reasons as to why nitrate reduction was not observed. Firstly, it could be that 
the only nitrate ions present when using sodium perchlorate as the supporting electrolyte 
was from uranyl nitrate giving approximately 5 x 10
-5
 mol dm
-3
 nitrate ions only. This 
produced a significantly lower concentration of nitrate ions in solution when compared to 
using 0.5 mol dm
-3 potassium nitrate as the supporting electrolyte, which produced a much 
higher concentration of nitrate ions for the redox reactions of nitrate.  
 
According to literature using a surface-modified carbon fibre electrode and 1.0 mol 
dm
-3 sodium perchlorate as the supporting electrolyte, De et al.
115
 obtained cyclic 
voltammograms which showed that nitrate reduction occurred at ca. -0.6 to -0.9 V before 
hydrogen evolution. Therefore, nitrate reduction was not observed in the cyclic 
voltammograms obtained in Figs. 3.5 and 3.6 (red voltammograms) most probably because 
the solution was not electrocycled negative enough for the nitrate reduction to occur. The 
potential range employed in this set of experiments was between -0.3 V and +1.2 V only. 
 
 
3.2.4 Investigations using 0.2 mol dm
-3
 Sodium Chloride as a Supporting Electrolyte 
 
0.2 mol dm
-3 sodium chloride was used as the third supporting electrolyte in the 
investigations. From Fig. 3.5 (red voltammogram), three reduction waves and an oxidation 
wave were clearly seen. The three reduction peak potentials occurred at +0.931 V, +0.254 V 
and -0.173 V for the first, second and third reduction peaks respectively, moving from 
positive potentials (oxidising potentials) to negative potentials (reducing potentials).  
 
The first wave was attributed to the reduction of U(VI) to U(V), the second wave was 
for the reduction of U(V) to U(IV) and finally, the third reduction wave corresponded to the 
reduction of U(IV) to U(III). The oxidation peak occurred at a peak potential of +0.308 V, 
where U(IV) was re-oxidised to U(VI). The U(III) to U(IV) re-oxidation peak was not observed 
because U(III) is a very strong reducing agent and is easily oxidised by water.
47
 Hence, the 
re-oxidation of U(III) to U(IV) would have occurred at more negative potentials than +0.308 
V. This was evidently the most suitable supporting electrolyte for the voltammetric analyses 
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of uranium in aqueous solution because both the oxidation and reduction waves were clear 
and well-defined. Sodium chloride was hence used as the supporting electrolyte for 
subsequent work because more oxidation states of aqueous uranium could be observed 
under acidic conditions in particular and this was proven in subsequent chapters. 
 
There was also no redox wave at high pH of ca. pH 12.61 (see Fig. 3.6 – red 
voltammogram) similar to results obtained using deionised water as the starting material 
(adjusted to pH 12.68 using KOH) and sodium perchlorate as the supporting electrolyte 
respectively. In fact, no redox reaction was observed above ca. pH 10.60. It could therefore 
be concluded that uranium had precipitated out at high pH conditions because the solubility 
of uranium is known to be low under hyperalkaline conditions.
118
 The aqueous solubility of 
uranium is also strongly dependent on its redox state besides the pH of the solution.  
 
The results obtained using sodium chloride confirmed that the choice of supporting 
electrolyte had no effect in highly alkaline solutions because those results were similar 
regardless if deionised water was used as the starting material/solvent (adjusted to the 
required pH values to make alkaline solutions using KOH) and sodium perchlorate or sodium 
chloride was used as the supporting electrolyte for the uranium cyclic voltammetry 
experiments. A summary of the redox peak potentials of uranyl nitrate in sodium chloride 
obtained across the pH range is given in Table 3.3 below. The complete set of results 
obtained using deionised water as the starting material/solvent and the two supporting 
electrolyte solutions (sodium perchlorate and sodium chloride) across the pH range is 
presented in Appendix I. 
 
 
Table 3.3: Table of redox peak potentials across the pH range for the analysis of 10
-5 mol 
dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium chloride obtained at a scan rate of 0.1 V/s, where 
minimal amounts of dilute HNO3 or KOH was added to adjust the pH so as not to change the 
ionic strength of the solution significantly. 
pH Reduction Peak Potential (V) Oxidation Peak Potential (V) 
 First Second Third  
1.30 0.912 - 0.942 0.239 - 0.257 -0.163 to -0.182 0.306 - 0.317 
1.84 0.845 - 0.872 0.196 - 0.228 -0.157 to -0.172 0.252 - 0.280 
2.53 0.782 - 0.811 0.168 - 0.206 -0.181 to -0.196 0.228 - 0.253 
3.21 - 0.122 - 0.140 - 0.151 - 0.179 
4.45 Inflection 0.0620 - 0.0693 - Inflection 
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5.63 Inflection 0.113 - 0.122 - Inflection 
6.55 - 0.111 - 0.123 - - 
7.63 - 0.00215 – 0.0264 - - 
9.16 - 0.142 - 0.165 - - 
9.91 - Inflection - - 
10.56 - - - - 
11.22 - - - - 
11.91 - - - - 
12.61 - - - - 
 
 
It can be seen from Table 3.3 that at pH 1.30, 1.84, 2.53 and 3.21, the first and 
second reduction peak potentials as well as the re-oxidation peak potentials moved in the 
negative direction as pH increased. The third reduction peak potentials did not show a 
similar trend however. As the pH increased above pH 4, only the second reduction peak was 
observed, i.e. the reduction of U(VI) to U(IV) with no reverse reaction. The peak potentials of 
this peak remained in the positive region between ca. pH 4 to pH 9 but did not show any 
obvious trend. Above pH 10, no uranium redox reaction was observed in the aqueous 
solution.  
 
Nitrate reduction was again not observed. It could again be attributed to the fact that 
there was a much lower concentration of nitrate ions in solution when compared to using 0.5 
mol dm
-3 potassium nitrate as the supporting electrolyte, where potassium nitrate provided a 
much higher concentration of nitrate ions for the redox reactions of nitrate. After considering 
several reasons such as the ionic strength of the supporting electrolyte, potential range and 
nitrate ion concentration, it could be concluded that the concentration of nitrate ions available 
could most probably be the key factor in observing the reduction of nitrate by cyclic 
voltammetry. The 0.5 mol dm
-3 potassium nitrate provided a concentration of nitrate ions of 
much higher than the concentration of nitrate ions provided by 10
-5
 mol dm
-3
 uranyl nitrate. 
 
 
3.3 SUMMARY 
 
 
This chapter discussed the investigations to choose a suitable supporting electrolyte for the 
observation of the redox behaviour of uranium. Figures 3.1 - 3.2 and 3.5 - 3.6 showed 
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results in very acidic and hyperalkaline (very high pH) conditions. The remaining results 
across the pH range are presented in Appendix I. The obtained results led to the conclusion 
that sodium chloride is the most suitable supporting electrolyte for subsequent work 
compared to deionised water (as the starting material/solvent and adjusted to the required 
pH values to make acidic and alkaline solutions using HNO3 or KOH respectively where 
necessary), sodium perchlorate and potassium nitrate.  
 
Deionised water (even when used as the starting material and adjusted to the required pH 
values using HNO3 or KOH where necessary to make acidic and alkaline solutions 
respectively) did not provide sufficient ionic strength for the cyclic voltammetry experiments 
while nitrate reduction which occurred when using potassium nitrate as the supporting 
electrolyte caused interferences to the uranium redox waves in aqueous solution. Sodium 
perchlorate was also not suitable as it provided unclear redox peaks. The reason for this was 
uncertain as sodium perchlorate is a very strong oxidising agent but it may to be too 
powerful and therefore prevented any redox reaction from occurring or insignificant even if 
there was a reaction. 
 
Sodium chloride was evidently preferred as the supporting electrolyte compared to sodium 
perchlorate because sodium chloride gave clearer and more defined redox waves in the 
acidic pH range. In addition, when sodium chloride was used as the supporting electrolyte, 
more oxidation states of aqueous uranium including U(V) were observed under acidic 
conditions in particular and this was proven in subsequent chapters. The redox behaviour of 
uranium in aqueous solution was not affected by the choice of supporting electrolyte in 
hyperalkaline conditions. 
 
It is not surprising that sodium chloride is suitable as a supporting electrolyte since it is 
present in both natural waters such as seawater and underground brine. Sodium chloride will 
prove to be useful when carrying out investigations of the redox reactions of uranium using 
ligands in subsequent chapters of this study. This is because the chloride ion is very weakly 
complexing at high pH conditions, where the alkaline to hyperalkaline range will be the focus 
of this study. There will hence be minimal interference from the ions of the supporting 
electrolyte when carrying out more complicated studies subsequently. It is however worth 
noting that the chloride ion may complex with the uranium ion under very acidic conditions 
although that will not be of primary interest. 
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CHAPTER 4: EFFECTS OF THE CARBONATE LIGAND ON THE REDOX BEHAVIOUR 
OF URANIUM IN AQUEOUS SOLUTION 
 
4.1 CHAPTER OUTLINE 
 
This chapter describes the effects of the carbonate ligand on the oxidation-reduction 
behaviour of uranium in aqueous solution. Experiments were carried out using uranyl nitrate 
in the presence and absence of excess sodium carbonate in aqueous solution. The work 
done without the addition of excess sodium carbonate was assumed to be carried out under 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) conditions. Work was not done in 
completely carbonate-free conditions as this was considered inappropriate for replicating 
environmental or likely GDF conditions.  
 
In a pure carbonate-free aquatic environment with a uranium concentration of 10
-8
 mol dm
-3
, 
mononuclear species such as UO2
+
, UO2OH
+
 and UO2(OH)2 dominate at all pH values.
1
 In 
high U(VI) concentrations however, polynuclear species like (UO2)3(OH)5
+
 dominate. In most 
natural waters, uranyl carbonate complexes replace the U(VI)-hydroxyl complexes above pH 
6 - 7 with a partial pressure of CO2 of 10
-3.5
 bar, i.e. at normal atmospheric pressure and with 
a typical ground water CO2 pressure of 10
-2 bar.
1
 
 
In most natural waters, uranium is present in concentrations between 4.2 x 10
-10 mol dm
-3
 
and 4.2 x 10
-9 mol dm
-3
 and concentrations greater than 4.2 x 10
-6
 mol dm
-3 can occur in 
water associated with uranium ore deposits.
119
 The concentration of uranium in groundwater 
in uranium mines ranges from 6.3 x 10
-8 to 1.68 x 10
-6 mol dm
-3
 as an example.
120
 In typical 
groundwater, the carbonate ligand forms complexes with uranium thereby making the total 
dissolved uranium concentration much higher than in carbonate-free water.
121
 The 
concentrations of dissolved uranium in groundwater appear to be controlled by pH and Eh 
conditions, rather than the solubilities of uranium minerals.
1
 
 
The carbonate ligand was therefore investigated because it is a strong complexant for the 
uranyl ion.
52
 Carbonate complexation of U(VI) is among the most important reactions of 
uranium under natural conditions.
41, 44, 49, 52, 62, 118, 122-125
 Carbonate is a common ion and 
readily available in natural systems such as groundwaters. The principle transport 
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mechanism for the migration of radionuclides is by the action of groundwater. The effects of 
carbonate complexation may significantly affect the sorption of uranium and may also 
significantly increase its solubility by altering the charge and its ions’ composition in solution.   
 
When the carbonate ligand is added to the UO2
2+
 solution, the uranium is converted to a 
series of carbonate complexes, UO2CO3, UO2(CO3)2
2- and UO2(CO3)3
4-
.
48
 Gorman-Lewis and 
co-workers
40
 have found that above ca. pH 4, aqueous uranyl hydroxide, uranyl carbonato 
and mixed hydroxide-carbonato complexes such as UO2(OH)2
+
, UO2(CO3)2
2-
, UO2(CO3)3
4-
 
and UO2(CO3)(OH)3
-
 were more important than the UO2
2+
 ion, the uncomplexed uranyl 
species. 
 
This will be seen in the experimental results described subsequently where the carbonate 
ligand has in fact increased the solubility of uranium in aqueous solution where uranium 
remained soluble in the presence of excess sodium carbonate under hyperalkaline 
conditions. Meinrath
52
 has reported increased solubility of uranium in the pH range 6 - 8 in 
the presence of carbonate or in carbonate media. Sutton
35
 has reported that uranium 
precipitates formed in sodium hydroxide (could be Na2UO4 or Na2U2O7) and KOH solutions 
at pH 9 – 12 dissolved after the addition of carbonate. This thus led to the observation of 
uranium redox reactions even at high pH, where the solubility of the uranium salt, uranyl 
nitrate, would have been limited without the presence of excess carbonate.  
 
Carbonate complexation will dominate the speciation of the uranyl ion, U(VI), under near-
neutral pH conditions in the absence of other complexing ligands, provided that there are 
sufficient carbonate-bicarbonate ions available.
118
 This will not be a limiting factor in many 
natural waters because carbonate and bicarbonate are present in significant concentrations 
and are exceptionally strong complexing agents for actinide ions. 
 
 
4.2 THE THEORETICAL SLOPE OF 59 mV PER DECADE 
 
The electromotive force, emf, generated across a pH glass electrode depends in a 
linear fashion on the pH of the analyte solution, provided that the internal pH (pH of the inner 
chloride solution in the bulb of the pH glass electrode) does not alter, which is the main 
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reason a pH glass electrode is buffered.
126
 This aspect of the chemistry uses the following 
formula: 
 
                    emf = K + ( 2.303 RT / F) * pH (where 2.303 RT / F = 0.059)                         (31) 
 
It can be calculated from the above equation that the emf of a pH electrode should 
move by 59 mV per pH unit. This phenomenon is commonly described as the electrode 
having a slope of 59 mV per decade.
126 This can be rationalised as a graph of emf (as ‘y’ 
axis) against pH (as ‘x’ axis) having a gradient of 59 mV (the ‘slope’). The phrase ‘per 
decade’ refers to the way that each pH unit represents a concentration change of tenfold.
126
 
If a pH glass electrode obeys the Nernst equation as shown in Equation 32 below, its 
response is described as Nernstian and this rule only applies to reversible redox systems. 
 
                          Eeq = E
o’ 
+ (2.303 RT / nF)* log [Ox] / [Red]                                   (32) 
 
The ‘theoretical slope of 59 mV per decade,’ where the ratio of electrons to protons or 
hydroxide ions is one, will be discussed further in Section 4.3. 
 
 
 
4.3 EXPERIMENTS IN THE PRESENCE OF EXCESS SODIUM CARBONATE 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of a large excess of sodium 
carbonate at a concentration of 0.2 mol dm
-3
 and how both the reduction and oxidation peak 
potentials vary with changes in pH values. The variation in peak potential values is important 
to deduce and predict the behaviour of uranium at a particular pH value as well as determine 
the effects of the carbonate ligand. It also determines whether data obtained under particular 
pH conditions would be applicable across the pH range, i.e. whether the data could be 
extrapolated. It is worth noting that when HCl was added to the solutions containing excess 
carbonate to adjust their pH values, it might have caused the concentration and the form of 
the carbonate species to change. 
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4.3.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Excess Sodium 
Carbonate (1) 
 
 
The uranium stock solution was prepared as described in Section 2.2.4. Excess 
sodium carbonate at a concentration of 0.2 mol dm
-3
 was added to the solution to observe its 
complexation effects with aqueous uranium in different oxidation states. The results are 
presented in Figs 4.1 and 4.2 below. It is essential to note that the alkaline sodium carbonate 
solutions were adjusted to the required pH values in the acidic range using 1-5 % of HCl. 
 
 
 
Figure 4.1: Reduction peak potential data as a function of pH in the presence of 0.2 mol dm
-
3
 sodium carbonate obtained at a scan rate of 0.1 V/s. (Note: The error bars were estimated 
from the difference between the minimum and maximum peak potentials for each redox 
peak.) 
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Figure 4.2: Oxidation peak potential data as a function of pH in the presence of 0.2 mol dm
-3
  
sodium carbonate obtained at a scan rate of 0.1 V/s. (Note: The error bars were estimated 
from the difference between the minimum and maximum peak potentials for each redox 
peak.) 
 
 
From Fig. 4.1, it can be concluded that at very acidic conditions (pH 1.56 and pH 
2.14), aqueous uranium was reduced from U(VI) to U(V) in the first reduction wave (see 
Equation 33), then U(V) was reduced to U(IV) in the second reduction wave (see Equation 
34 which is an overall equation and it was presumed that one of the half-cell reactions would 
be the rate-determining step, where the uranium-oxygen bond was broken) and finally U(IV) 
was reduced to U(III) in the third reduction wave (see Equation 35). The appearance of the 
third reduction wave, i.e. the formation of U(III) from U(IV), depended on the acidity and the 
nature of the supporting electrolyte as reported by Becker and Tobias.
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The oxidation peak potentials in Fig. 4.2 showed that aqueous uranium was re-
oxidised to its original oxidation state of U(VI) subsequently. As pH increased to near-
neutral, neutral, alkaline and lastly hyperalkaline conditions, aqueous uranium was only 
reduced from its original oxidation state of U(VI) to U(IV) without going through the U(V) 
oxidation state, before re-oxidation to the U(VI) state again.   
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                                          UO2
2+
 + e-             UO2
+
                                                  (33) 
 
                                   UO2
+
 + 4H
+ 
+ e-            U
4+ 
+ 2H2O                                        (34) 
 
                                           U
4+
 + e-                 U
3+
                                                    (35) 
 
 
Therefore at very acidic pH values, i.e. ca. pH 1 – pH 2, there were three distinctive 
reduction waves at each pH, where U(VI) was reduced to U(V) then U(IV) and finally to U(III) 
as shown in Fig. 4.3. As the pH increased, during the reduction process, only one redox 
wave was observed at each pH above ca. pH 3, corresponding to the reduction of U(VI) to 
U(V) as presented in Fig. 4.4. The reason U(IV) did not form has yet to be deduced.  
 
 
 
Figure 4.3: Cyclic voltammogram of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride obtained using a glassy carbon working 
electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 2.1.  
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Figure 4.4: Cyclic voltammogram of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride obtained using a glassy carbon working 
electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 3.6.  
 
 
 
At above ca. pH 5 through to ca. pH 13, only one redox wave was observed as well, 
but corresponding to the reduction of U(VI) to U(IV) instead without going through the U(V) 
state. A typical cyclic voltammogram obtained in this pH range is shown in Fig. 4.5 and the 
full set of cyclic voltammograms is given in Appendix II. A quasi-reversible system was 
maintained throughout the pH range, presumably due to sluggish kinetics.  
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Figure 4.5: Cyclic voltammogram of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride obtained using a glassy carbon working 
electrode at a scan rate of 0.1 V/s and initial potential of +0.1 V at ca. pH 9.3. 
 
 
 
The reduction peak potentials remained fairly constant in the negative region 
throughout the pH range for all the redox steps observed, as displayed in Fig. 4.1. This 
indicated that there was no change in reaction mechanism and no involvement of protons or 
hydroxide ions in these steps, i.e. the reaction was independent of pH, and hence the peak 
potentials were not changing with changing pH. It was however expected that the rate-
determining step would be of the reduction of U(V) to U(IV) as this step involved the 
breaking of the metal-oxygen bonds in U(V), i.e. UO2
+
,
 
to form U
4+
.The peak potentials below 
ca. pH 5 for the reduction of U(V) to (IV) therefore occurred at more negative potentials than 
the first reduction of U(VI) to U(V) due to the presence of a rate-determining step, leading to 
more energy required (more negative potentials) to drive the second reduction reaction.  
 
The constant reduction peak potentials were however particularly surprising above 
ca. pH 5 because the reduction of U(VI) to U(IV) directly also requires the breaking of metal-
oxygen bonds and hence a change in reaction mechanism was expected, which would have 
led to more significant changes in reduction peak potentials with change in pH values. U(V) 
-2.50E-05
-2.00E-05
-1.50E-05
-1.00E-05
-5.00E-06
0.00E+00
5.00E-06
1.00E-05
1.50E-05
-1.6 -1.4 -1.2 -1 -0.8 -0.6 -0.4 -0.2 0 0.2
Cu
rr
en
t (
A)
 
Potential (V) vs. Ag/AgCl (3 mol dm-3 NaCl) 
U(VI) to U(IV) 
U(IV) to U(VI) 
151 
 
was observed in systems up to ca. pH 5, but reduction was from U(VI) to U(IV) directly in 
circumneutral and alkaline conditions (see Equation 36 below which is the overall equation 
of the redox reaction). U(V) is normally only present in transition while U(VI) and U(IV) are 
the most common oxidation states of uranium with U(VI) being the most stable in oxic 
conditions. The reduction peak potentials of uranium in the presence of excess sodium 
carbonate are tabulated in Table 4.1. 
 
                                UO2
2+
 + 4H
+ 
+ 2e-            U
4+ 
+ 2H2O                                        (36) 
 
 
Turning to the reverse sweep of the cycle, there was one re-oxidation wave (see Fig. 
4.3) where it was initially thought to be the re-oxidation of U(III) to U(VI). However, U(III) is a 
strong reducing agent and would have been re-oxidised by the solvent at the beginning of 
the reverse cycle, which was water in this case.
47
 Uranium in its lowest oxidation state of 
U(III) is unstable in water and will yield hydrogen gas in its re-oxidation to U(IV). This 
therefore led to the conclusion that the re-oxidation peak would be either the re-oxidation of 
U(IV) to U(VI) or U(V) to U(VI).  
 
There was not enough data at ca. pH 1-2 to determine which re-oxidation process 
occurred but at ca. pH 3-5, it was confirmed that U(V) was re-oxidised to U(VI) as U(IV) was 
not formed in the initial reduction process (see Fig. 4.4). It was almost certain that U(VI) 
would be the re-oxidation product as Bruno et al.
42
 have shown that U(VI) was the stable 
oxidation state of uranium in carbonate media under oxidising conditions. Morss
48
 reported 
the addition of carbonate to a UO2
2+ solution resulted in the conversion of uranium (VI) to a 
pH dependent suite of uranyl carbonate complexes (see Equations 37-39 below), including 
UO2CO3 (with a maximum concentration at ca. pH 5), UO2(CO3)2
2- (with a maximum 
concentration at ca. pH 6.5) and UO2(CO3)3
4- (with a maximum concentration at ca. pH 10-
11) in the order of increasing pH of the uranium solution. Uranium also commonly exists in 
aqueous solution in the form of its oxide ion, UO2
2+
, which exhibits high stability in natural 
environments such as seawater. The ambiguity at ca. pH 1-2 is discussed in Section 4.5., 
which describes the disproportionation of U(V) to U(IV) and U(VI). 
 
                            UO2
2+ + CO3
2-   UO2(CO3)                                                     (37) 
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                           UO2
2+ + 2CO3
2-   UO2(CO3)2
2-
                                                (38) 
 
                          UO2
2+ + 3CO3
2-   UO2(CO3)3
4-
                                                 (39) 
 
 
The oxidation peak potentials in acidic conditions occurred above zero, i.e. +0.153 V 
and +0.146 V for pH 1.56 and pH 2.14 respectively. As the pH increased, a trend could be 
seen for the oxidation peak potentials, which moved in the negative direction at much more 
than 59 mV per pH unit, as shown in Fig. 4.2.This means that the ‘theoretical slope of 59 mV 
per decade’ has not been obeyed. The movement was in fact not a multiple of 59 mV from 
ca. pH 2-5. This is far too complicated to be interpreted with the current understanding of the 
data obtained. It can however be inferred that the mechanism of re-oxidation was changing 
with changing pH and hence protons and/or hydroxide ions were involved in the redox 
chemistry taking place. Redox reactions that involve the transfer of proton or hydroxide ions 
and a change in reaction mechanism would result in a much more apparent variation of 
redox peak potential with pH. 
 
Above ca. pH 5 through to ca. pH 13, another change occurred as the re-oxidation 
peak potentials remained constant at -0.20 V ± 0.04 V. The inference to be drawn here was 
that the mechanism now remained constant as the pH changes and that protons and/or 
hydroxide ions were not involved in the oxidation step, i.e., reaction was independent of pH. 
This was unexpected as the oxidation of U(IV) to U(VI) involves the addition of oxygen to the 
uranium species and a change in reaction mechanism was hence expected. There should 
be a rate-determining step present relating to the formation of U(VI) from U(IV) where two 
oxygen atoms were added to U
4+  
to form UO2
2+
, forming metal-oxygen bonds. This could 
have potentially led to a more significant change in peak potentials. These contradicting 
findings are difficult to interpret at this stage. The oxidation peak potentials of uranium in the 
presence of excess sodium carbonate in aqueous solution are tabulated in Table 4.1. 
 
The re-oxidation species that formed in this pH range was the re-oxidation of U(IV) to 
U(VI) (see Fig. 4.5) and would not have been the re-oxidation of U(V) to U(IV). The main 
reason was U(VI) was reduced directly to U(IV) in the reduction process and U(V) was not 
formed. Results in this pH range have also given some evidence that the re-oxidation 
process at ca. pH 1-2 could be the re-oxidation of U(IV) to U(VI) as well because the two 
peak potentials were fairly similar to one another, i.e. the peak potentials remained constant, 
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similar to the trend observed for the oxidation peak potentials at above ca. pH 5. This will be 
analysed further in Section 4.5., where a scan rate study of the redox behaviour of uranyl 
nitrate is described, to check if this preliminary assignment was correct. 
 
The details of these redox reaction mechanisms remain to be elucidated as this study 
continues in the future, but it can now be concluded that any thermodynamic data obtained 
(see Fig. 4.2) at, for example, pH 1.5 for the oxidation of reduced aqueous uranium were not 
applicable across the pH range in the presence of high concentrations of carbonate since 
the ‘theoretical slope of 59 mV per decade’ was not obeyed. This concentration of carbonate 
was significantly affecting the re-oxidation of uranium in aqueous solution, where a change 
of reaction mechanism with change in pH was expected. 
 
 
Table 4.1: Table of redox peak potentials across the pH range for the analysis of 3 mmol 
dm
-3 
uranyl nitrate in excess sodium carbonate at a concentration of 0.2 mol dm
-3 
obtained at 
a scan rate of 0.1 V/s.  
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Peak Second Peak Third Peak  
1.56 -0.362 to -0.393 -1.231 to -1.237 -1.383 to -1.397 0.153 – 0.162 
2.14 -0.351 to -0.387 -1.217 to -1.219 -1.355 to -1.363 0.141 – 0.149 
3.59 -0.359 to -0.378 - - 0.00368 – 0.0156 
4.71 -0.420 to -0.437 - - -0.130 to -0.176 
5.13 - -1.254 to -1.292 - -0.235 to -0.278 
6.29 - -1.227 to -1.252 - -0.232 to -0.257 
6.80 - -1.244 to -1.266 - -0.225 to -0.266 
7.17 - -1.205 to -1.283 - -0.206 to -0.241 
8.17 - -1.239 to -1.264 - -0.189 to -0.225 
9.26 - -1.244 to -1.264 - -0.182 to -0.209 
10.14 - -1.256 to -1.281 - -0.181 to -0.214 
10.67 - -1.264 to -1.284 - -0.180 to -0.204 
11.15 - -1.304 to -1.324 - -0.188 to -0.209 
12.01 - -1.305 to -1.326 - -0.209 to -0.226 
12.42 - -1.307 to -1.324 - -0.211 to -0.228 
12.70 - -1.330 to -1.357 - -0.209 to -0.230 
Note: The terms ‘first’, ‘second’ and ‘third’ for the reduction peak potentials are used as 
defined in Fig. 4.1. 
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From Table 4.1, it is apparent that the effects of carbonate complexation were 
significant, especially in the alkaline to hyperalkaline conditions. Speciation modelling of the 
dissolution of uranium with added carbonate has shown that at high concentrations of 
carbonate, the dominant species was the uranyl tricarbonato ion, UO2(CO3)3
4-
, with an 
oxidation state of U(VI) with a maximum concentration at ca. pH 10-11.
35, 48
 The results 
obtained agreed with this statement where the redox reactions were quasi-reversible to give 
a final oxidation state of U(VI) at each pH value that was investigated as presented in Table 
4.1. It could therefore be concluded that the dominant uranium species in solution was 
UO2(CO3)3
4-
 in the alkaline to hyperalkaline pH range.  
 
 Clark et al.
49
 have noted that carbonate complexation might significantly increase the 
solubilities of actinides by altering the charge and the composition of actinide ions in solution 
and promote the migration of the actinides. In the absence of other organic ligands, the 
inorganic ligand, carbonate ion, will therefore dominate the speciation of the uranyl ion as 
long as there are sufficient carbonate-bicarbonate ions available.118 This statement will be 
investigated further to confirm its accuracy in subsequent chapters when other organic 
ligands were added in addition to carbonate ions. A summary of the redox behaviour of 
uranyl nitrate in a large excess of sodium carbonate is given in Table 4.2 below. 
 
Table 4.2: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of excess sodium carbonate at a concentration of 0.2 mol dm
-3
 obtained at a scan 
rate of 0.1 V/s.  
Measured pH of Cyclic Voltammograms  Reduction Oxidation 
1.56 
2.14 
U(VI) to U(V) to 
U(IV) to U(III) 
U(V) to U(VI) or 
U(IV) to U(VI) 
3.59 
4.71 U(VI) to U(V) U(V) to U(VI) 
5.13 
6.29 
6.80 
7.17 
8.17 
9.26 
10.14 
10.67 
11.15 
12.01 
12.42 
12.70 
U(VI) to U(IV) U(IV) to U(VI) 
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4.3.2 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Excess Sodium 
Carbonate (2) 
 
 
These experiments were subsequently repeated to indicate its reproducibility and 
show that the experimental method is viable for future similar experiments. New uranium 
stock and working solutions were made as described in Section 2.2.6 and analysed using 
the same parameters as detailed in Tables 2.3 and 2.4. The results are presented in Figs. 
4.6 and 4.7 below and compared with the results detailed in Section 4.3.1. The reduction 
and oxidation peak potentials for the repeated experiments are presented in Table 4.3. It is 
essential to note that the alkaline sodium carbonate solutions were adjusted to the required 
pH values in the acidic range using 1-5 % of HCl. 
 
 
 
Figure 4.6: Reduction peak potential data as a function of pH in the presence of 0.2 mol dm
-
3
 sodium carbonate obtained at a scan rate of 0.1 V/s (repeats to indicate reproducibility). 
(Note: The error bars were estimated from the difference between the minimum and 
maximum peak potentials for each redox peak.) 
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Figure 4.7: Oxidation peak potential data as a function of pH in the presence of 0.2 mol dm
-3
 
sodium carbonate obtained at a scan rate of 0.1 V/s (repeats to indicate reproducibility). 
(Note: The error bars were estimated from the difference between the minimum and 
maximum peak potentials for each redox peak.) 
 
 
Comparing Figs. 4.1 and 4.6, it can be seen that the reduction peak potentials were 
similar and that the experiments were reproducible. The same conclusion was drawn for the 
oxidation peak potentials when comparing Figs. 4.2 and 4.7. The only slight difference was 
that both the reduction and oxidation peak potentials obtained in Figs. 4.6 and 4.7 were less 
constant than those in Figs. 4.1 and 4.2 where the peak potentials were apparently constant, 
especially in the neutral to hyperalkaline pH regions. Table 4.3 shows the tabulated 
reduction and oxidation peak potentials for the repeated cyclic voltammetry experiments of 
uranyl nitrate in the presence of excess sodium carbonate. 
 
Comparing the peak potentials in both Table 4.1 and Table 4.3, it can be concluded 
that the cyclic voltammograms of uranyl nitrate in excess sodium carbonate were 
reproducible as the data in both tables were similar. The full set of cyclic voltammograms 
from the repeated experiments is given in Appendix III. A summary of the redox behaviour of 
uranyl nitrate in a large excess of sodium carbonate is given in Table 4.4. 
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Table 4.3: Table of redox peak potentials across the pH range for the analysis of 3 mmol 
dm
-3 
uranyl nitrate in excess sodium carbonate at a concentration of 0.2 mol dm
-3
 obtained at 
a scan rate of 0.1 V/s (repeats to indicate reproducibility).  
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Peak Second Peak Third Peak  
1.32 -0.386 to -0.420 -1.233 to -1.243 -1.362 to -1.383 0.163 - 0.173 
2.23 -0.196 to -0.230 -1.048 to -1.061 -1.225 to -1.243 0.150 – 0.159 
3.85 -0.347 to -0.396 - - 0.0231 – 0.0432 
4.63 -0.597 to -0.623 - - -0.245 to -0.295 
5.87 - -1.181 to -1.229 - - 
6.32 - -1.190 to -1.219 - -0.196 to -0.244 
7.23 - -1.229 to -1.252 - -0.158 to -0.228 
8.83 - -1.183 to -1.228 - -0.206 to -0.238 
9.90 - -1.186 to -1.202 - -0.218 to -0.240 
10.80 - -1.157 to -1.188 - -0.240 to -0.262 
11.08 - -1.155 to -1.187 - -0.249 to -0.277 
11.81 - -1.169 to -1.200 - -0.246 to -0.272 
12.42 - -1.160 to -1.191 - -0.245 to -0.284 
12.84   
 
- -1.157 to -1.188 - -0.256 to -0.291 
Note: The terms ‘first’, ‘second’ and ‘third’ for the reduction peak potentials are used as 
defined in Fig. 4.6. 
 
 
Table 4.4: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of excess sodium carbonate at a concentration of 0.2 mol dm
-3 
obtained at a scan 
rate of 0.1 V/s (repeats to indicate reproducibility).  
Measured pH of Cyclic Voltammograms  Reduction Oxidation 
1.32 
2.23 
U(VI) to U(V) to 
U(IV) to U(III) 
U(V) to U(VI) or 
U(IV) to U(VI) 
3.85 
4.63 U(VI) to U(V) U(V) to U(VI) 
5.87 
6.32 
7.23 
8.83 
9.90 
10.80 
11.08 
11.81 
12.42 
12.84 
U(VI) to U(IV) U(IV) to U(VI) 
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4.4 EXPERIMENTS IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED 
CARBONATE (Pco2 = 10
-3.5
 atm) 
 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range under atmosphere-equilibrated carbonate (Pco2 = 10
-
3.5
 atm) conditions and how both the reduction and oxidation peak potentials vary with 
changes in pH values. The variation in peak potential values is important to deduce and 
predict the behaviour of uranium at a particular pH value. It also determines whether data 
obtained under particular pH conditions would be applicable across the pH range, i.e. 
whether the data could be extrapolated. 
 
 
 
4.4.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Atmosphere-Equilibrated 
Carbonate (Pco2 = 10
-3.5
 atm) (1) 
 
 
The uranium stock solution was prepared as described in Section 2.2.4. The uranium 
stock solution contained excess sodium carbonate from previous experiments described in 
Section 4.3 and therefore the carbonate ions needed to be removed. Removal of the excess 
carbonate from the working solution was achieved by adding sufficient concentrated (37%) 
HCl. The main reason for this was to minimise the uranium waste where if this set of 
experiments produced some meaningful results, it would be repeated with a uranium stock 
solution without the addition of excess sodium carbonate as described in the next section 
(Section 4.4.2.). 
 
Experiments were not carried out in completely carbonate-free conditions but were 
carried out under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions instead 
because of the impractical nature of having completely carbonate-free conditions, especially 
at high pH. The results obtained under these conditions were compared with those obtained 
in excess sodium carbonate conditions. The cyclic voltammetry results of uranyl nitrate 
obtained under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions are 
159 
 
presented in Figs. 4.8 and 4.9 below for the reduction peak potentials and Fig. 4.10 for the 
oxidation peak potentials. 
 
 
 
Figure 4.8: Reduction peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at a scan rate of 0.1 V/s. 
(Note: The error bars were estimated from the difference between the minimum and 
maximum peak potentials for each redox peak.) 
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Figure 4.9: Reduction peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at a scan rate of 0.1 V/s, 
demonstrating the ‘theoretical slope of 59 mV per decade.’ (Note: The calculated data were 
based on the average peak potential taken at pH 4.23 and subsequently subtracting 59 mV 
from the average peak potential value for each change in pH unit). 
 
 
 
 
Similar to experiments carried out using a large excess of sodium carbonate, up to 
pH 2.05, there were three reduction peaks at each pH where U(VI) was reduced to U(V) then 
U(IV) and finally U(III) as shown in Fig. 4.8. There was also a re-oxidation peak at both pH 
values occurring at +0.160 V and +0.128 V for pH 1.40 and pH 2.05 respectively (see Fig. 
4.10) in the presence of atmosphere-equilibrated carbonate, in comparison with +0.153 V at 
pH 1.56 and +0.146 V at pH 2.14 for experiments done in a large excess of carbonate, as 
given in Table 4.1.  
 
This showed that carbonate (i.e. dissolved CO2) had no effect under very acidic 
conditions as the results obtained with or without the carbonate ligand were similar. The 
main reason was the uranium salt was very soluble at low pH regardless if the carbonate 
ligand was present or not to increase its solubility through complexation. At pH 3.52 the 
peaks associated with the reduction from U(VI) to U(V) and then to U(IV), were replaced with 
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one peak, which has been assigned to the reduction of U(VI) directly to U(IV) and 
subsequently to U(III) from the potential at which it first occurred. This could also possibly be 
an anomaly as this result was unexpected.  
 
From pH 4.2 and up to pH 13.3, there was one set of redox peaks at each measured 
pH. The system remained quasi-reversible throughout the pH range, where U(VI) was 
reduced to U(IV) at negative electrode potentials from ca. -0.40 V to -0.87 V (see Fig. 4.8) 
and subsequently re-oxidised to U(VI), at electrode potentials of ca. -0.050 V to -0.63 V (see 
Fig. 4.10). From Fig. 4.9, at ca. pH 1.4 to ca. pH 3.5, a trend in the reduction electrode 
potentials could be seen, where the potentials were moving in the positive direction and then 
from ca. pH 3.5 to ca. pH 13.3, a different trend in the reduction electrode potentials was 
observed, where the potentials were moving in the negative direction. At ca. pH 1.4 to ca. pH 
3.5, where U(VI), i.e. UO2
2+ 
, was reduced to U(V), UO2
+ 
, the potentials should have 
remained constant, i.e. the peak potentials should have been invariable of pH because the 
reduction of uranium in aqueous solution did not involve the breaking of any uranium-oxygen 
bonds. 
 
This trend was in agreement with the reported literature,
48
 where in the absence of 
carbonate and with increasing pH, the uranium was converted to a hydrated uranium 
hydroxide, UO2(OH)2.H2O at ca. pH 5.0 to 10.5 as shown in Fig. 1.16. In addition, above ca. 
pH 8, an anionic hydroxide complex, UO2(OH)3
- was formed, which achieved a maximum 
concentration at ca. pH > 10. Uranium hydrolyses with increasing pH and therefore anionic 
hydroxide species such as U(OH)5
-
 may need to be accounted for in the discussion of the 
uranium carbonate system. However, solubility studies by Rai et al.
57 indicated that the 
anionic species, U(OH)5
-
, was only of minor importance in their study. There is not enough 
information at this stage to be certain if the species needed to be accounted for. 
 
 These two different trends are most likely attributable to the differences in reaction 
mechanisms at very acidic conditions and mildly acidic through near-neutral to hyperalkaline 
conditions. In this set of quasi-reversible system experiments, the 59 mV movement per pH 
unit was observed at above ca. pH 4 (see Fig. 4.9), where the experimental and the 
calculated data were a good match, i.e. the ‘theoretical slope of 59 mV per decade’ was 
obeyed.  
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This hence indicated that there was no change in reaction mechanism with change in 
pH and also that protons and/or hydroxide ions were involved in the redox processes. Thus 
thermodynamic data obtained at, for example, pH 4.2 for the reduction of uranyl ions were 
applicable across the pH range if carbonate concentrations were low and the 59 mV theory 
applied. This concentration of carbonate was also not affecting the re-oxidation of uranium in 
aqueous solution as described below. 
 
Turning to the reverse sweep of the cycle, the oxidation peak potentials also moved 
in a negative direction across the pH range with the electrode potentials recorded starting at 
about +0.16 V and decreasing to -0.63 V as displayed in Fig. 4.10. The experimental and the 
calculated data were a fairly good match as well, showing that the ‘theoretical slope of 59 
mV per decade’ was once again obeyed in these quasi-reversible reactions.  
 
This again indicated that there was no change in reaction mechanism with change in 
pH and also that protons and/or hydroxide ions were involved in the redox processes. Thus 
thermodynamic data obtained at, for example, pH 1.4 for the oxidation of the reduced 
aqueous uranium were applicable across the pH range if carbonate concentrations were low 
and the 59 mV theory applied. This concentration of carbonate was not affecting the re-
oxidation of uranium in aqueous solution.  
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Figure 4.10: Oxidation peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at a scan rate of 0.1 V/s, 
demonstrating the ‘theoretical slope of 59 mV per decade.’ (Note: The calculated data were 
based on the average peak potential taken at pH 4.23 and subsequently subtracting 59 mV 
from the average peak potential value for each change in pH unit). 
 
 
 
 
Some cyclic voltammograms of uranyl nitrate obtained under atmosphere-
equilibrated carbonate conditions are shown in Figs. 4.11 to 4.13. Under very acidic 
conditions, i.e. ca. pH 2.1, there were three distinctive reduction waves at each pH, where 
U(VI) was reduced to U(V) then U(IV) and finally to U(III) as shown in Fig. 4.11. The re-
oxidation of the reduced aqueous uranium, U(III) , was not observed because U(III) is a 
strong reducing agent and would have been re-oxidised by water during the beginning of the 
reverse cycle.
47
 As stated previously, uranium in its lowest oxidation state of U(III) is 
unstable in water and will yield hydrogen gas in its re-oxidation to U(IV). Similar to results 
obtained using a large excess of carbonate, the uranium species associated with the re-
oxidation wave could not be confirmed at present as to whether it was U(IV) or U(V) being 
re-oxidised to U(VI) (see Section 4.5).  
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Figure 4.11: Cyclic voltammogram of 0.3 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.5 V at ca. pH 2.1 in the presence of atmosphere-equilibrated carbonate (Pco2 
= 10
-3.5
 atm). 
  
 
 
As the pH increased, during the reduction process, only two reduction waves were 
observed at ca. pH 3 instead of three, corresponding to the direct reduction of U(VI) to U(IV) 
and subsequently U(III) without going through the U(V) state, as presented in Fig. 4.12. The 
reason U(V) did not form has not yet been deduced and the result obtained at this pH could 
possibly be an anomaly. This, however, did not affect the re-oxidation process where one re-
oxidation wave was observed and this was attributed to the re-oxidation of U(IV) to U(VI) 
since U(V) did not form in the initial reduction processes and U(III) has been re-oxidised by 
water.  
 
 
 
 
 
-7.00E-05
-6.00E-05
-5.00E-05
-4.00E-05
-3.00E-05
-2.00E-05
-1.00E-05
0.00E+00
1.00E-05
2.00E-05
3.00E-05
4.00E-05
-1.6 -1.4 -1.2 -1 -0.8 -0.6 -0.4 -0.2 0 0.2 0.4 0.6
Cu
rr
en
t (
A)
 
Potential (V) vs. Ag/AgCl (3 mol dm-3 NaCl) 
Re-oxidation to U(VI) 
U(IV) to U(III) 
U(V) to U(IV) 
U(VI) to U(V) 
165 
 
 
Figure 4.12: Cyclic voltammogram of 0.3 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.5 V at ca. pH 3.5 in the presence of atmosphere-equilibrated carbonate (Pco2 
= 10
-3.5
 atm). 
 
 
 
At above ca. pH 4 through to ca. pH 13, only one set of quasi-reversible redox waves 
was observed, which corresponded to the reduction of U(VI) to U(IV) and the re-oxidation of 
the U(IV) formed to U(VI). Only a tiny re-oxidation peak would be seen unless a very fast 
scan rate was used because the electrode has to be taken to very oxidising potentials to 
“drive” the re-oxidation process. If not, almost all of the product formed in the forward scan 
will diffuse into the bulk solution and will be unavailable for re-oxidation. However, it must be 
taken into account that the greater the separation between the peaks of the forward and 
reverse scans, the more irreversible the electrode process. Therefore, driving the electrode 
to very oxidising potentials might lead to irreversible electrode processes. 
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A typical cyclic voltammogram obtained in this pH range is shown in Fig. 4.13 and 
the full set of cyclic voltammograms is given in Appendix IV. A quasi-reversible system was 
maintained throughout the pH range, presumably due to sluggish kinetics. The only change 
in the cyclic voltammograms was the slight shift of the redox peaks (both reduction and 
oxidation) towards more negative peak potentials as the pH increased as previously 
described in Figs 4.9 and 4.10 which obeyed the ‘theoretical slope of 59 mV per decade’. A 
summary of the redox peak potentials and change in the uranium oxidation states with pH 
obtained for uranyl nitrate in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) is given 
in Tables 4.5 and 4.6.  
 
When comparing the results in excess sodium carbonate (see Table 4.1) and the 
results in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) (see Table 4.5), it was 
evident that the added sodium carbonate affected the cyclic voltammograms significantly. As 
an example, the reduction peak potentials were significantly different where in excess 
sodium carbonate, the reduction peak potentials were fairly constant and at more negative 
values (see Fig. 4.1) while in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm), the 
reduction peak potentials were moving in the negative direction except under very acidic 
conditions (see Fig. 4.9) and obeying the ‘theoretical slope of 59 mV per decade.’ 
 
This was similar for the oxidation peak potentials where in excess sodium carbonate, 
the peak potentials were fairly constant except in the acidic region (see Fig. 4.2) while in 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm), the peak potentials were again 
moving in the negative direction (see Fig. 4.10) and obeying the ‘theoretical slope of 59 mV 
per decade.’ It could therefore be concluded that carbonate had a very big effect on the 
redox behaviour of uranium and this is significant in terms of the safety assessments of a 
GDF. 
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Figure 4.13: Cyclic voltammogram of 0.3 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.1 V at ca. pH 10.6 in the presence of atmosphere-equilibrated carbonate 
(Pco2 = 10
-3.5
 atm). 
 
 
 
Table 4.5: Table of redox peak potentials across the pH range for the analysis of 0.3 mmol 
dm
-3 
uranyl nitrate in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
obtained at a scan rate of 0.1 V/s. 
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Peak Second Peak Third Peak  
1.40 -0.359 to -0.415 -1.173 to -1.174 -1.358 to -1.395 0.156 – 0.164 
2.05 -0.347 to -0.409 -1.133 to -1.157 -1.295 to -1.317 0.132 – 0.146 
3.52 -0.280 to -0.323 - -1.310 to -1.349 0.0144 – 0.0616 
4.23 -0.387 to -0.427 - - -0.0463 to -0.101 
5.14 -0.483 to -0.525 - - -0.196 to -0.241 
6.57 -0.573 to -0.598 - - -0.231 to -0.285 
6.88 -0.517 to -0.562 - - -0.137 to -0.205 
7.01 -0.543 to -0.574 - - -0.212 to -0.282 
8.35 -0.579 to -0.608 - - -0.239 to -0.289 
9.39 -0.635 to -0.661 - - -0.340 to -0.360 
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9.98 -0.702 to -0.725 - - -0.404 to -0.448 
10.60 -0.716 to -0.742 - - -0.479 to -0.517 
11.38 -0.750 to -0.770 - - -0.492 to -0.543 
11.86 -0.790 to -0.832 - - -0.564 to -0.623 
12.36 -0.803 to -0.848 - - -0.581 to -0.631 
12.62 -0.845 to -0.884 - - -0.583 to -0.655 
12.84 -0.803 to -0.847 - - -0.559 to -0.622 
13.18 -0.853 to -0.906 - - -0.578 to -0.638 
13.28 -0.829 to -0.912 - - -0.591 to -0.648 
Note: The terms ‘first’, ‘second’ and ‘third’ for the reduction peak potentials are used as 
defined in Fig. 4.8. 
 
 
 
Table 4.6: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at scan rate of 
0.1 V/s. 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.40, 2.05 U(VI) to U(V) to U(IV) to U(III) 
U(V) to U(VI) or 
U(IV) to U(VI) 
3.52 U(VI) to U(IV) to U(III) U(IV) to U(VI) 
4.23, 5.14, 6.57, 6.88, 7.01, 8.35, 9.39, 9.98, 10.60, 
11.38, 11.86, 12.36, 12.62, 12.84, 13.18, 13.28 U(VI) to U(IV) U(IV) to U(VI) 
 
 
 
 
 
4.4.2 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Atmosphere-Equilibrated 
Carbonate (Pco2 = 10
-3.5
 atm) (2) 
 
 
These experiments were subsequently repeated to indicate its reproducibility. There 
was a difference in the experimental procedure compared to the first set of experiments as 
described in Section 2.2.6. The main amendment to the procedure was that a uranyl nitrate 
stock solution was made without adding any sodium carbonate, so its removal was not 
necessary. This was a more accurate method to ensure that the solution was influenced by 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) only. The results are presented in 
Figs. 4.14 and 4.15. 
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Figure 4.14: Reduction peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at a scan rate of 0.1 V/s 
(repeats to indicate reproducibility). (Note: The error bars were estimated from the difference 
between the minimum and maximum peak potentials for each redox peak.) 
 
 
Figure 4.15: Oxidation peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at a scan rate of 0.1 V/s 
(repeats to indicate reproducibility). (Note: The error bars were estimated from the difference 
between the minimum and maximum peak potentials for each redox peak.) 
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Comparing Figs. 4.8 and 4.14, it can be seen that the reduction peak potentials were 
fairly similar and that the experiments were reproducible. It was however noted that there 
was a bigger change in peak potentials per pH unit but the peak potentials still maintained 
the same change in trend, i.e. moving in the positive direction under acidic conditions and 
moving in the negative direction above ca. pH 4.0. The same results from the previous 
experiment were obtained at ca. pH 3.5. These were therefore not anomalies since the 
results were reproducible. 
 
 A different conclusion was however drawn for the oxidation peak potentials when 
comparing Figs. 4.10 and 4.15. In Fig. 4.10, the peak potentials were moving in the negative 
direction across the pH range and obeying the ‘theoretical slope of 59 mV per decade’ but in 
Fig. 4.15, two different trends were seen. From ca. pH 1 to ca. pH 5, the oxidation peak 
potentials were moving in the negative direction but then remained fairly constant above ca. 
pH 5 in the negative region of approximately -0.30 to -0.70 V. The different results obtained 
for the oxidation peak potentials could be attributed to the fact that the uranyl nitrate 
solutions under the influence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) were 
prepared in two distinct ways. Table 4.7 below shows the tabulated reduction and oxidation 
peak potentials for the repeated cyclic voltammetry experiments of uranyl nitrate in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). 
 
Table 4.7: Table of redox peak potentials across the pH range for the analysis of 0.3 mmol 
dm
-3 
uranyl nitrate in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
obtained at a scan rate of 0.1 V/s (repeats to indicate reproducibility). 
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Peak Second Peak Third Peak  
1.66 -0.493 to -0.494 -1.412 to -1.413 -1.453 to -1.464 0.125 – 0.137 
2.61 -0.328 to -0.413 -1.205 to -1.210 -1.319 to -1.323 0.105 – 0.137 
3.56 -0.238 to -0.260 - -1.175 to -1.207 0.0774 – 0.0974 
4.36 -0.585 to -0.647 - - -0.0247 to 0.0069 
5.37 -0.707 to -0.714 - - -0.482 to -0.542 
6.53 -0.613 to -0.634 - - -0.347 to -0.388 
7.71 -0.669 to -0.682 - - -0.365 to -0.398 
8.95 -0.655 to -0.672 - - -0.318 to -0.356 
9.77 -0.669 to -0.683 - - -0.359 to -0.391 
10.79 -0.718 to -0.733 - - -0.376 to -0.412 
11.74 -0.765 to -0.779 - - -0.434 to -0.471 
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13.32 -0.872 to -0.906 - - -0.559 to -0.622 
Note: The terms ‘first’, ‘second’ and ‘third’ for the reduction peak potentials are used as 
defined in Fig. 4.14. 
 
 
Comparing the peak potentials in both Tables 4.5 and 4.7, it could be concluded that 
the cyclic voltammetry experiments of uranyl nitrate in atmosphere-equilibrated carbonate 
(Pco2 = 10
-3.5
 atm) were reproducible as the data in both tables were similar. A summary of 
the redox behaviour of uranyl nitrate in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) is given in Table 4.8 below while the full set of cyclic voltammograms is given in 
Appendix V. 
 
 
Table 4.8: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) obtained at a scan rate of 
0.1 V/s (repeats to indicate reproducibility). 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.66, 2.61 U(VI) to U(V) to U(IV) to U(III) 
U(V) to U(VI) or 
U(IV) to U(VI) 
3.56 U(VI) to U(IV) to U(III) U(IV) to U(VI) 
4.36, 5.37, 6.53, 7.71, 8.95, 9.77, 10.79, 11.74, 13.32 U(VI) to U(IV) U(IV) to U(VI) 
 
 
 
4.5 SCAN RATE STUDY OF THE URANIUM CARBONATE SYSTEM 
 
Cyclic voltammetry experiments on 3 mmol dm
-3
 uranyl nitrate in the presence of 
excess carbonate were extended further by carrying out a scan rate study to observe the 
disproportionation of U(V) and the re-oxidation behaviour of the reduced uranium in aqueous 
solution. The disproportionation of U(V) is represented by the following equation: 
 
                           2U(V)                     U(IV) + U(VI)                                                   (40) 
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The scan rate study was carried out using thirteen different scan rates from 0.003 V/s 
to 0.1 V/s. The potential range employed was between +0.8 V to -0.6 V. Previous 
experiments on uranyl nitrate in a large excess of sodium carbonate did not permit the 
deduction of the uranium species in the re-oxidation process. This study has confirmed the 
identities of the re-oxidation species.  
 
The experiments were carried out at ca. pH 1.40 mainly because Becker and 
Tobias
117
 stated in their work using a gold electrode that the decomposition of U(V) was 
enhanced in strongly acidic conditions (pH ≤ 2) and therefore the anodic wave of U(V) to 
U(VI) was decreased but the U(IV) to U(VI) anodic wave was increased in terms of current 
responses. The stability of U(V) increases with pH and forms UO2
+
 ions in solution. 
Therefore, the decomposition of U(V) was not observed in alkaline and hyperalkaline 
conditions. Fig. 4.16 shows the results obtained for the different scan rates.  
 
 
 
Figure 4.16: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in the presence of  
0.2 mol dm
-3
 sodium carbonate at different scan rates with an initial potential of +0.8 V.  
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From Fig. 4.16, the disproportionation of U(V) occurred at low scan rates of less than 
0.02 V/s. A reduction wave and two re-oxidation waves were present, where the reduction 
wave corresponded to the reduction of U(VI) to U(V) and the U(V) subsequently 
disproportionated to U(IV) and U(VI). The re-oxidation waves were then attributed to the re-
oxidation of the remaining U(V) to U(VI) (see Equation 41 below) and the formed U(IV) to 
U(VI) (see Equation 42 below). 
 
 
                                  UO2
+
                     UO2
2+ 
+ e-                                                  (41) 
                                                                                                                                                                                    
                       U
4+ 
+ 2H2O                     UO2
2+
 + 4H
+ 
+ 2e-                                       (42) 
 
 
Above 0.02 V/s, there was only one set of redox waves, where the reduction wave 
was attributed to the reduction of U(VI) to U(V) and the re-oxidation wave must then 
correspond to the re-oxidation of U(V) to U(VI). The reason disproportionation of U(V) did not 
occur at faster scan rates was there was insufficient time for the reaction to occur. This 
hence confirmed the results of previous cyclic voltammetry experiments in a large excess of 
carbonate, where the speciation of the re-oxidation wave could not be deduced. The 
experiments were carried out at a scan rate of 0.1 V/s where the disproportionation of U(V) 
did not occur, so the identity of the oxidation peak at very acidic conditions of ca. pH 1 - 3 in 
Tables 4.2, 4.4, 4.6 and 4.8 was confirmed to be the re-oxidation of U(V) to U(VI). 
 
This scan rate study has confirmed that U(V) was re-oxidised to U(VI) and not U(IV) 
to U(VI) at 0.1 V/s in Section 4.2. The fact that the re-oxidation of U(IV) was not seen could 
not be explained at present with the current obtained data. Previous reports have suggested 
the presence of a combined oxidation peak, i.e. the combination of U(V) and U(IV) in the re-
oxidation process to U(VI). Those results were however obtained using a gold electrode.117 
The disproportionation reaction could be seen in more detail in Fig. 4.17, where the 
voltammograms obtained above scan rates of 0.02 V/s were not plotted since the 
disproportionation reaction was not observed above 0.02 V/s. 
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Figure 4.17: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in the presence of 0.2 mol 
dm
-3
 sodium carbonate at different scan rates showing the disproportionation of U(V). The 
optimal scan rate range was achieved between 0.005 V/s and 0.01 V/s.  
 
 
From Fig. 4.17 above, at the two lowest scan rates of 0.003 V/s and 0.004 V/s, there 
are clearly a reduction wave and two re-oxidation waves, but the waves were not very well-
defined. The most optimal results were achieved at scan rates of 0.005 - 0.01 V/s. It could 
be clearly seen that the peak currents increased with scan rate in line with the stated theory.  
 
The peak current, ip, increases with scan rate because as the electrode potential is 
swept more rapidly, relatively less time is available for electrolysis. The depletion of the 
reactant near the electrode is reduced, resulting in a thinner diffusion layer and hence a 
steeper concentration gradient. A steeper concentration gradient indicates a larger 
concentration difference and results in faster diffusion of the analytes. The resulting larger 
flux will give rise to an enhanced ip. Specifically, Fick’s first law indicates that ip reflects the 
concentration gradient of the reactant near the electrode, which in turn is controlled by the 
diffusion layer thickness. The absolute magnitudes of the peak currents of both the forward 
and reverse peak scans depend on the scan rate regardless of reversibility.
7
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As the scan rate was increased from 0.005 V/s to 0.01 V/s, even though the peak 
currents increased with scan rate, the current difference between the two re-oxidation peaks 
was getting smaller. This proved that the faster the scan rate, the less time there was for 
U(V) to disproportionate to U(IV) and U(VI) because peak currents are proportional to the 
concentrations of the uranium species in solution.  
 
The first oxidation peak of U(V) to U(VI) occurred at peak potentials of approximately 
0.06 - 0.10 V/s while the second oxidation peak of U(IV) to U(VI) occurred at peak potentials 
of about 0.40 – 0.50 V/s. When the difference between the peak currents of both oxidation 
peaks became smaller with increasing scan rate, this evidently showed that the peak current 
of the first oxidation peak of U(V) to U(VI) was increasing by a bigger magnitude whereas 
the peak current of the second oxidation peak of U(IV) to U(VI) was increasing by a smaller 
magnitude as scan rate increased, thereby resulting in a smaller difference in peak currents 
and indicating less disproportionation of U(V) was occurring at faster scan rates. 
 
 The differences in peak currents are tabulated in Table 4.9 below. This study 
confirmed that the disproportionation reaction of U(V) to U(IV) and U(VI) was slower at faster 
scan rates due to insufficient time provided for the reaction to occur, i.e. limited by the 
kinetics of the reaction, and that the optimum scan rate range to be able to observe this 
reaction was between 0.005 V/s to 0.01 V/s.  
 
 
Table 4.9: Difference in peak currents (in Amperes) between the second oxidation peak 
current and the first oxidation peak current. 
Scan Rate, V/s Oxidation Peak Current 2, V1 / A 
Oxidation Peak 
Current 1, V2 / A 
Difference in Peak 
Currents, V (V1 - V2) / A 
0.005 2.05 E-06 5.93 E-07 1.46 E-06 
0.006 2.09 E-06 6.08 E-07 1.48 E-06 
0.007 2.12 E-06 7.61 E-07 1.36 E-06 
0.008 2.24 E-06 9.07 E-07 1.33 E-06 
0.009 1.13 E-06 2.18 E-06 -1.05 E-06 
0.01 1.26 E-06 2.23 E-06 -9.70 E-07 
Note: Oxidation peak 1 corresponded to the oxidation of U(V) to U(VI) while oxidation peak 2 
corresponded to the oxidation of U(IV) to U(VI). 
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It can be clearly seen from Table 4.9 that the difference in peak currents decreased 
with increasing scan rates. This confirmed that the rate of disproportionation of U(V) 
decreased with increasing scan rates as faster scan rates provided less time for the reaction 
to occur. 
 
 
4.6 SUMMARY 
 
This chapter describes the results obtained for the cyclic voltammetry experiments of uranyl 
nitrate in two different experimental conditions which are uranyl nitrate in the presence of 
excess sodium carbonate and uranyl nitrate in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm). Both sets of experiments were also repeated to show evidence 
for reproducibility and it was apparent that the experiments, especially those carried out in a 
large excess of carbonate were reproducible. Nevertheless, there were some differences in 
results (Sections 4.4.1. and 4.4.2.) in the repeated experiments of uranyl nitrate in 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) mainly because of the different 
experimental methods used to prepare the working solutions. 
 
The uranyl nitrate solutions for experiments performed under atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) conditions were prepared in two distinct ways, where the first 
set of experiments (Section 4.4.1) used a uranyl nitrate solution with excess sodium 
carbonate in which the carbonate was removed using concentrated HCl while the repeated 
experiments (Section 4.4.2) used a uranyl nitrate solution which contained no sodium 
carbonate.  
 
Experiments carried out in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) (Section 4.4.1) obeyed the ‘theoretical slope of 59 mV per decade’ whereas in excess 
sodium carbonate, the theory was not obeyed. When the theory is obeyed, there is no 
change in the reaction mechanism with changing pH and the thermodynamic data obtained 
at a particular pH would be applicable across the pH range. When comparing the peak 
potentials and the shapes of the cyclic voltammograms in excess sodium carbonate and the 
results in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm), it was evident that the 
added sodium carbonate affected the cyclic voltammograms significantly and therefore the 
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results obtained under both experimental conditions were fairly different. This also led to 
conclusions that carbonate complexation significantly affected the redox behaviour of 
uranium in aqueous solution across the pH range. 
 
The effects of carbonate complexation were significant, where the solubility of uranium in 
aqueous solution under alkaline to hyperalkaline conditions was increased, leading to the 
observation of well-defined redox waves in the alkaline to hyperalkaline range. Without the 
carbonate ligand, this would not have been possible as the solubility of uranium is very low 
at high pH conditions and uranium precipitates would have formed in solution thereby 
preventing the collection of cyclic voltammetry results in the high pH range. The results 
collected at high pH strongly indicated that even though uranium forms stable solid phases 
and favours hydrolysis in the alkaline conditions, the addition of the carbonate ligand would 
cause the dissolution of the uranium precipitates. Speciation modelling in the literature 
predicted that the species, U(CO3)5
6-
 is the most thermodynamically stable uranium 
carbonate complex.
35
  
 
The scan rate study confirmed the presence of the disproportionation reaction of U(V) to 
U(IV) and U(VI). The optimum scan rate range for this study was 0.005 V/s to 0.01 V/s. 
Faster scan rates did not allow sufficient time for the reaction to occur while slower scan 
rates gave ill-defined redox waves and peaks. 
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CHAPTER 5: EFFECTS OF EDTA ON THE REDOX BEHAVIOUR OF URANIUM IN 
AQUEOUS SOLUTION 
 
5.1 CHAPTER OUTLINE 
 
This chapter describes the effects of the EDTA ligand on the oxidation-reduction behaviour 
of uranium in aqueous solution. Experiments were carried out using uranyl nitrate and the 
EDTA ligand in the presence and absence of excess sodium carbonate in aqueous solution. 
The work done without the addition of excess sodium carbonate was assumed to be carried 
out under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions. Work was not 
done in completely carbonate-free conditions as this was considered inappropriate for 
replicating environmental or likely under GDF conditions, especially at high pH conditions.  
 
Organic compounds present in a cementitious repository could have an important effect on 
the behaviour of radionuclides in concrete because of their ability to form complexes with 
cations, thereby enhancing their solubility and mobility in the cement pore water; sorbing 
onto cement surface sites and/or competing with other anions. The reduced state of 
uranium, U(IV), is most often the preferred oxidation state for uranium in a GDF as it is 
generally less soluble than U(VI) and hence less mobile with less potential for migration in 
groundwater.  
 
Natural ground water is often present in reducing conditions.
54
 Hence in reducing media, 
uranium is found in its valence form of U
4+
 in solution and able to precipitate, leading to a 
lower concentration in solution and less mobility of the ions. In oxidised waters, i.e. Eh > 200 
mV, dissolved uranium mainly occurs as uranyl ions, UO2
2+
, which form highly soluble 
carbonate complexes of varying stoichiometry as a function of pH and the partial pressure of 
CO2 (g).
1
 However, the presence of strong complexes of U(IV) with the EDTA ligand for 
example, may significantly alter the solubility of the tetravalent uranium ion, which is 
otherwise fairly insoluble. Baik and Lee
127
 have reported that complexation of radionuclides 
like uranium with chelating agents such as EDTA would significantly influence the migration 
behaviour of radionuclides because the extremely strong chelates formed would mobilise the 
radionuclides from the radioactive waste repository including the LLWR. 
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EDTA is an anthropogenic organic ligand present in decontamination agents and is therefore 
used in nuclear decontamination processes, leading to its presence in nuclear wastes. It is a 
hexadentate ligand and hence its usefulness arises from its ability to sequester metal ions. 
Since EDTA will be present in significant quantities in some nuclear wastes, it may bind the 
different radionuclides and complex with the metal ions. It is therefore essential to 
investigate its complexation behaviour with radionuclides such as uranium, which will be 
present in abundance in spent fuel if it is declared as wastes.  
 
The results presented below came from four sets of experimental conditions which were: 
i) 3 mmol dm
-3 uranyl nitrate in excess sodium carbonate  
ii) 3 mmol dm
-3 uranyl nitrate and 0.1 mol dm
-3
 EDTA in excess sodium carbonate  
iii) 0.3 mmol dm
-3 uranyl nitrate in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) 
iv) 0.3 mmol dm
-3 uranyl nitrate and 0.1 mol dm-3 EDTA in atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) 
A comparison between experimental results obtained under conditions (i) with (ii) and 
conditions (iii) with (iv) are detailed below to observe the effects of the organic ligand EDTA  
and competition between EDTA and the inorganic ligand, carbonate, in both excess 
carbonate and atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions. 
 
 
5.2 EXPERIMENTS IN THE PRESENCE OF EXCESS SODIUM CARBONATE AND EDTA 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of EDTA and excess sodium 
carbonate and how both the reduction and oxidation peak potentials vary with changes in pH 
values. The variation in peak potential values is important to deduce and predict the 
behaviour of uranium at a particular pH value as well as determine the effects of the EDTA 
ligand. It also determines whether data obtained under particular pH conditions would be 
applicable across the pH range, i.e. whether the data could be extrapolated. It is worth 
noting that when HCl was added to the solutions containing excess carbonate to adjust their 
pH values, chemical transformations would have occurred. 
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In addition, prior to the carrying out the experiments, some modelling was done using 
the CHESS (a high-performance speciation model), JCHESS (a graphical front-end used to 
construct speciation diagrams) and the HATCHES database (Harwell/Nirex Thermodynamic 
Database for Chemical Equilibrium Studies) which provided uranium speciation information 
across the pH range. Fig. 5.1 below shows the speciation plot of U(VI) under excess 
carbonate conditions and in the presence of 0.1 mol dm
-3
 EDTA while Fig. 5.2 shows the 
speciation data of U(IV) under the same conditions. From both plots below, it could be 
concluded that both the U(VI)- and U(IV)-EDTA complexes were dominant under acidic to 
neutral conditions while the U(VI)- and U(IV)-carbonate complexes were dominant under 
alkaline conditions. Under hyperalkaline conditions, the uranium hydroxide complexes, 
UO2(OH)4
2- and U(OH)4 (aq) were dominant in the speciation plots of U(VI) and U(IV) 
respectively. This was not surprising as the hydroxide ions would be present in abundance 
at the high pH range. 
 
 
 
Figure 5.1: Uranium(VI) speciation data obtained using the HATCHES database in the 
presence of 0.2 mol dm
-3
 sodium carbonate and 0.1 mol dm
-3
 EDTA. 
182 
 
 
Figure 5.2: Uranium(IV) speciation data obtained using the HATCHES database in the 
presence of 0.2 mol dm
-3
 sodium carbonate and 0.1 mol dm
-3
 EDTA. 
 
 
5.2.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Excess Sodium 
Carbonate and EDTA 
 
 
The uranium stock solution was prepared as described in Section 2.2.4. Excess 
sodium carbonate was added to the solution to observe its complexation effects with 
uranium in aqueous solution in its different oxidation states in addition to competition effects 
between the carbonate and the EDTA ligands in terms of uranium complexation behaviour. 
Working solutions containing both excess sodium carbonate and 0.1 mol dm
-3 EDTA were 
also prepared. The results are presented in Figs. 5.3 and 5.4, where they are the plots of 
both the reduction and oxidation peak potentials versus pH. These plots were used to 
observe the variation in peak potentials with changes in pH in order to understand the redox 
behaviour of uranium in the presence of EDTA and excess sodium carbonate at a 
concentration of 0.2 mol dm
-3
 in aqueous solution across the pH range. It is essential to note 
that the alkaline sodium carbonate solutions were adjusted to the required pH values in the 
acidic range using 1-5 % of HCl. 
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Figure 5.3: Reduction peak potential data as a function of pH in the presence of 0.2 mol dm
-
3
 sodium carbonate and 0.1 mol dm
-3
 EDTA obtained at a scan rate of 0.1 V/s. (Note: The 
calculated data were based on the average peak potential taken at pH 1.25 and 
subsequently subtracting 59 mV from the average peak potential value for each change in 
pH unit) (Note: The error bars were estimated from the difference between the minimum and 
maximum peak potentials for each redox peak.) 
 
Figure 5.4: Oxidation peak potential data as a function of pH in the presence of 0.2 mol dm
-3
  
sodium carbonate and 0.1 mol dm
-3
 EDTA obtained at a scan rate of 0.1 V/s. (Note: The 
error bars were estimated from the difference between the minimum and maximum peak 
potentials for each redox peak.) 
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Both the oxidation (see Fig. 5.4) and reduction (see Fig. 5.3; data points of 2
nd
 peak) 
peak potentials remained fairly constant throughout the pH range, where the U(IV) to U(VI) 
oxidation wave was measured at peak potentials of -0.20 V ± 0.04 V around ca. pH 7.3 to pH 
12.7 and the reduction waves, i.e. U(V) to U(IV) in acidic systems and U(VI) to U(IV) in 
neutral, alkaline through to hyperalkaline systems respectively, were measured at peak 
potentials of  -1.3 V ± 0.1 V around ca. pH 1.3 to pH 12.7. The redox peak potentials for the 
formation of each uranium redox state when the EDTA ligand was present in excess sodium 
carbonate conditions are presented in Table 5.1. 
 
At acidic to neutral pH, the uranium system was irreversible. No re-oxidation wave 
was observed up until ca. pH 7.3 as seen from the oxidation peak potentials displayed in Fig. 
5.4. From ca. pH 1.3 to pH 5.1, two reduction waves were formed when the EDTA ligand 
was present in excess sodium carbonate conditions, where U(VI) was reduced to U(V) (see 
Equation 43 below) and subsequently U(V) was reduced to U(IV) (see Equation 44 below 
which is an overall equation and it was presumed that one of the half-cell reactions would be 
the rate-determining step, where the uranium-oxygen bond was broken) and uranium was 
maintained in the reduced state of U(IV) leading to the irreversibility of this reaction. This 
could largely be due to the formation of a strong U(IV)-EDTA complex, thereby preventing 
any redox reaction from taking place. This was confirmed from the uranium(IV) speciation 
plot in Fig 5.2 where the uranium(IV) EDTA complexes, i.e. UEDTA was the dominating 
complex up to ca. pH 8. 
 
 
                                           UO2
2+
 + e-                     UO2
+
                                                     (43)     
                             
                                           UO2
+
 + 4H
+ 
+ e-            U
4+ 
+ 2H2O                                            (44) 
 
Suzuki and co-workers
23
 have reported in their uranium work with organic acids as 
complexing ligands that the U(V) species was fairly stable only in a narrow pH range of 2 to 
4, where in these cases, the disproportionation of U(V) to U(IV) and U(VI) would be quite 
slow. This statement agreed with the results described as U(V) was formed between ca. pH 
1.3 to pH 5.1 before being reduced to U(IV) as presented in Fig. 5.3. A typical cyclic 
voltammogram obtained in this pH range is shown in Fig. 5.5 while the full set of cyclic 
voltammograms across the whole pH range is given in Appendix VI. 
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There were obvious differences in the redox behaviour of aqueous uranium 
depending if the EDTA ligand was present in excess sodium carbonate or mainly acidic 
conditions. Suzuki et al.
23
 also reported in their work that the reduction behaviours of U(VI) in 
the presence of organic and/or inorganic ligands such as the malonate and oxalate ions 
were shown to be different from a non-ligand system. This is largely due to the formation of 
complexes or chelates between the uranium free ions with the organic ligands.  
 
Speciation calculations by Suzuki and co-workers
23
 on 1 mmol dm
-3 UO2
2+ 
and 20 
mmol dm
-3 malonate ions indicated that the predominant uranyl species at pH values of 1 - 2,  
2 - 3 and 3 - 6 were UO2
2+
, UO2Mal and UO2Mal2
2-
 respectively where H2Mal represented a 
malonic acid. The predominant species of an uncomplexed malonic species at pH values of 
2 - 3, 3 - 5 and 5 - 6 were H2Mal
0
, HMal
- and Mal
2- respectively. Redox equations
23
 45 and 46 
below accounted for the predominant species of uranyl and an uncomplexed malonic acid in 
the pH range of 2 to 5. 
 
                                UO2Mal + 2H
+ 
+ e-   UO2
+ 
+ H2Mal (pH 2 - 3)                              (45) 
 
                          UO2Mal2
2-
 + H
+ 
+ e-   UO2Mal
- 
+ HMal
-
 (pH 3 - 5)                              (46) 
 
 
 Suzuki and co-authors
23
 also included speciation calculations on 1 mmol dm
-3 UO2
2+   
and 20 mmol dm
-3 oxalate ions and found that the predominant species of the uranyl ions 
complexed to the oxalate ions in the oxalate solution was UO2Ox2
2-
 in the pH range of 4 to 6, 
where H2Ox denoted an oxalic acid. The authors also reported that the predominant species, 
UO2
2+
, did not change and no protons were involved in the redox reactions of uranyl-oxalate 
complexes in that particular pH range. In the case of EDTA, Palei and Hsu
64
 have noted that 
U(IV) formed a 1:1 and 1:2 chelate with EDTA. On the other hand, Ermolaev and Krot
66, 67
 
have found that with an excess of EDTA, a 2:3 U(IV)-EDTA chelate was formed while with 
an excess of U(IV) ions, they postulated the formation of a 2:1 U(IV)-EDTA chelate. In this 
study, the EDTA ligand was in excess, i.e. 0.1 mol dm
-3 EDTA compared to 3 mmol dm
-3 
uranium in solution, and it could  therefore be assumed that a strong 2:3 U(IV)-EDTA chelate 
was formed leading to irreversibility of the uranium redox reactions at ca. pH 1.3 to pH 5.1. 
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  In the absence of the EDTA ligand (blue voltammogram in Fig. 5.5 below), the 
uranium redox system was quasi-reversible but irreversible in the presence of the EDTA 
ligand (red voltammogram in Fig. 5.5 below). In addition, when the EDTA ligand was absent, 
U(VI) was reduced to U(III) which was not formed when the EDTA ligand was present, where 
U(VI) was first reduced to U(V) in the first reduction wave, then U(V) was reduced to U(IV) in 
the second reduction wave and finally, U(IV) was reduced to U(III) in the third reduction 
wave.  
 
U(VI) was reduced to U(V) and subsequently to U(IV) only when the EDTA ligand 
was present, leading to the formation of two reduction waves only, where the first reduction 
wave was attributed to the reduction of U(VI) to U(V) and the second reduction wave was of 
the reduction of U(V) to U(IV). No re-oxidation process was observed. Although uranium was 
maintained in the reduced state of U(IV) in aqueous solution and expected to be less mobile 
than U(VI), this might not be the case if a U(IV)-EDTA complex was formed when the EDTA 
ligand was present in solution as well, because complexation with a ligand may well have 
increased the solubility of the U(IV) ions.  
 
Figure 5.5: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
EDTA obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.5 V at ca. pH 2.2.  
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It was conceivable that the complexed uranium species was not re-oxidised in the 
presence of the EDTA ligand as the uranium might be interacting strongly with the EDTA 
ligand, leading to some dominance of the EDTA ligand over the carbonate ligand under 
acidic to near-neutral conditions. In these experiments, the EDTA ligand was added in a 
large excess of 0.1 mol dm
-3
. According to Le Chatelier’s principle, if a chemical system at 
equilibrium experiences a change in concentration (in this case), temperature, volume, or 
partial pressure, then the equilibrium shifts to counteract the imposed change and a new 
equilibrium is established. According to the following equation, 
 
        Metal (M) + Ligand (L)   Metal-Ligand Chelate (M-L)                              (47) 
 
 
Since the ligand, i.e. EDTA was added in a large excess, the equilibrium would 
therefore shift to the right to favour the formation of the metal-ligand chelate, i.e. the uranium 
EDTA complex. It was therefore assumed that the complex formed could be a 2:3 U(IV)-
EDTA chelate according to information in the literature since EDTA was present in excess,
66, 
67
 although solid state characterisation and solution spectroscopy experiments would be 
required to confirm the identity of the complex formed, but this was not within the scope of 
this project. U(IV) could have also formed a 1:1 and/or 1:2 chelate with EDTA as a mixture of 
different chelates was not impossible.  
 
As stated previously, the formation of chelates between aqueous uranium and the 
EDTA ligand would enhance the solubility of uranium and potentially mobilise them in 
groundwater in a GDF. The irreversibility of the cyclic voltammograms between ca. pH 1.3 to 
pH 5.1 most probably could be interpreted as a strong U(IV)-EDTA complex forming in 
solution, thereby preventing any further redox reaction. Since the results obtained in both the 
absence and presence of the EDTA ligand in excess sodium carbonate conditions were 
different, it could be concluded that EDTA was the dominant ligand over carbonate when 
EDTA was present in acidic conditions as suggested by Clark et al.
49
  
 
An important observation from Fig. 5.5 in the presence of the EDTA ligand was that 
the reduction of U(VI) to U(V) occurred at more positive potentials than the reduction of U(V) 
to U(IV). This was an indication that more energy, i.e. more negative potentials was required 
to drive the reduction reaction beyond the U(V) oxidation state as U(IV) is known to be the 
more stable oxidation state of uranium in contrast to U(V), which is usually present in 
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transition only because U(V) is unstable in aqueous solution. In addition the reduction of 
U(V) to U(IV) involves the breaking of a metal –oxygen bond, which requires more energy. 
 
In addition, in the presence of the EDTA ligand, the reduction of U(VI) to U(V) and 
subsequently U(V) to U(IV) occurred at slightly more negative potentials compared to similar 
reactions in the absence of the EDTA ligand as presented in Fig. 5.5. This peak shift could 
be attributed to a high uranium-EDTA complexation constant when the EDTA ligand was 
present. The shift of the redox peaks in the presence of a ligand depends on the strength of 
complexation and the stability of the complexes formed, where a high stability constant 
indicates the formation of a more stable complex. The complexation of the different oxidation 
states of uranium with the EDTA ligand would be different since the different uranium 
oxidation states exhibit different redox behaviour and properties, e.g. solubility and mobility. 
 
A reverse redox process was observed, where the uranium redox system was quasi-
reversible (see Fig. 5.6 – red voltammogram), i.e. the uranium was re-oxidised from U(IV) to 
U(VI), in neutral, alkaline through to hyperalkaline systems when the EDTA ligand was 
present, with a set of redox waves at each measured pH. It was initially presumed that the 
complexed uranium species was re-oxidised in the presence of the EDTA ligand under 
alkaline to hyperalkaline conditions because the uranium was most probably interacting very 
weakly with the EDTA ligand in contrast to acidic conditions forming a weak complex. This 
hence led to increased solubility of uranium and hence the observation of redox and 
complexation behaviours of uranium in aqueous solution at high pH. This hypothesis was 
however not very accurate when comparing the experimental results with the U(IV) 
speciation plot from modelling in Fig 5.2 above, where the latter showed that above ca. pH 8, 
the uranium EDTA complex had disappeared and the dominant uranium species under 
alkaline conditions were U(CO3)4
4- 
and U(CO3)5
6-
. The re-oxidation processes were therefore 
of the uranium(IV)-carbonate complexes and not of the uranium(IV)-EDTA complexes. 
 
There have been reports which suggested that the uranium (VI)-EDTA complexes 
were not stable or favourable and that led to EDTA degradation.
35, 128
 The U(VI) ions were 
also thought to be unable to fulfil the steric requirements for the multidentate EDTA ligand to 
form a metal-ligand chelate and therefore, uranium(VI) forming a complex with the EDTA 
ligand was unfavourable. The formation of U(VI)-carbonate complexes did not require the 
fulfilment of any steric requirements since the carbonate ligand exists as free carbonate or 
bicarbonate ions depending on the pH conditions and hence complexation of uranium with 
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carbonate was most likely favoured under alkaline conditions. This was in agreement with 
the U(VI) modelling results in Fig 5.1 where the uranyl tricarbonate complex ion, UO2(CO3)3 
4-
, started to form at ca. pH 6 before dominating at ca. pH 7 to pH 12. 
 
There was another possibility of the existence of different uranium-EDTA complexes 
at varying complexing strengths at different pH values. Davis
68
 has reported that at pH > 7.5, 
U(VI)-EDTA complexes were unstable and decomposed into a diuranate precipitate and free 
EDTA as proposed in Equation 48 below.  
 
                              (UO2)2Y                 2UO2
2+
 + Y
4-                                                 (48) 
 
 
Despite the evidence gathered, the main composition of the U(VI)-EDTA complexes could 
not be identified.
68
 Both UO2HY
-
 and (UO2)2Y complexes were proposed by the author, 
where Y represented the anion of EDTA, i.e. EDTA
4-
. Even though it was stated that 
complexes having more than one EDTA ligand per uranium did not form at pH < 5.5, it was 
still not unlikely that the complex species could be composed of two uranyl ions per molecule 
of EDTA, i.e. (UO2)2Y.
68
 Its existence was reasonable even if the precipitate formed had a 
ratio of 1:1 of uranium to EDTA at low pH values because the actual concentration of EDTA 
was lower than that of U(VI) under acidic conditions as some of the free EDTA would have 
been precipitated due to its low solubility at low pH values. 
 
Therefore, from Table 5.1 and Fig. 5.6, at ca. pH > 7.3, the cyclic voltammograms 
obtained in both EDTA and non-EDTA containing systems were similar most probably 
because the U(VI)-EDTA complexes were not very stable in neutral to alkaline conditions 
and U(VI) could have been bound to the carbonate ligand or continued to be bound by the 
carbonate ligand as suggested by the U(VI) speciation plot in Fig 5.1.  Meinrath
52
 stated that 
the U(VI) ion has always been known as a hard Lewis acid forming coordination compounds, 
potentially with “hard” donors such as water, carbonate and nitrate. 
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In addition, Kumar et al.
1
 have found that U(IV) complexes were stabilised in acidic 
pH areas whereas in the alkaline field, U(VI) complexes dominate when the redox potential 
(Eh) values increased. The authors reported that at Eh = 0 mV, U(VI) was predicted to be the 
dominant redox state while at Eh = - 200 mV, uraninite became reactive and its solubility 
could influence the dissolved uranium concentration. These results therefore agreed with the 
experimental results described. From Fig. 5.5 (red voltammogram), the U(IV)-EDTA complex 
remained stable at pH 2.21 as supported by the modelling data in Fig 5.2., where the 
UEDTA complex was dominant under acidic conditions up to ca. pH 7.8 and there was no 
reverse reaction under acidic conditions while from Fig. 5.6, U(VI) was the dominant redox 
state at more positive peak potentials and therefore the uranium redox reaction was quasi-
reversible in alkaline conditions, i.e. the reduced U(IV) was re-oxidised to U(VI).  
 
This led to the conclusion that carbonate is a more dominant ligand than EDTA in 
alkaline to hyperalkaline conditions as shown in Fig 5.1 but not in acidic conditions as U(IV)-
EDTA appeared fairly stable (see Figs 5.2 and 5.5 – red voltammogram) leading to 
irreversible systems in that pH range. In addition, the carbonate ions were not present at low 
pH conditions as displayed by the speciation plots in Figs 5.1. and 5.2, where the dominant 
ions were the uranium(VI) ions, UO2
2+
, and/or the uranium(IV)-EDTA and uranium(VI)-EDTA 
complex ions; UEDTA, UO2EDTA
2-
 and UO2HEDTA
-
. A typical cyclic voltammogram in the 
alkaline pH range is shown in Fig. 5.6 while the full set of cyclic voltammograms across the 
whole pH range is given in Appendix VI. 
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Figure 5.6: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
EDTA obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.1 V at ca. pH 11.3. 
 
 
 
 
There was no obvious difference in the redox behaviour of uranium whether the 
EDTA ligand was present in excess sodium carbonate conditions from Fig 5.6 above under 
alkaline conditions in contrast to the results obtained under acidic conditions, where the 
uranium-EDTA complexes were dominant. The main reason was that the carbonate complex 
ions, UO2(CO3)3
4-
, were predominant as shown in Figs. 5.1 and 5.2 in which the uranium-
EDTA complexes have disappeared above neutral pH values.  Choppin
61
 has reported in his 
work that the pH in which uranium was present would affect its redox behaviour significantly 
as evidently observed in the work described here. The author has also stated that lower 
oxidation states of uranium were generally stabilised by more acidic conditions while higher 
oxidation states were generally stabilised in more basic solutions. Therefore, the relatively 
higher stabilities of U(IV) in acidic conditions and U(VI) in alkaline conditions were expected. 
 
Under alkaline conditions the U(VI) oxidation state of uranium was more stable and 
hence the redox reaction was reversible. This could also be due to the fact that the 
carbonate ligand demonstrated dominance over the EDTA ligand at high pH values as 
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evidently shown in the speciation plot in Fig 5.1. The shape of the cyclic voltammograms, the 
peak currents and the peak potentials were similar for both the reduction and oxidation 
waves in both the absence and presence of the EDTA ligand as shown in Fig 5.6, indicating 
that the EDTA ligand was weaker than the carbonate ligand under alkaline conditions. This 
was not in line with the statement in which Clark and co-workers
49
 suggested that carbonate 
complexation no longer dominates in the presence of an organic ligand since pH-
dependence must also be accounted for because this statement was valid under acidic 
conditions only but not under alkaline conditions as detailed since it was apparent that the 
carbonate ligand was dominating at high pH conditions as evidently shown by the modelling 
data in Figs 5.1 and 5.2. 
 
The similarity of the results regardless if the EDTA ligand was present in excess 
sodium carbonate conditions under alkaline conditions was therefore not expected. There 
would have been a difference in the results to demonstrate the dominance of EDTA 
complexation if the statement made by Clark et al.
49
 were true. As an example to 
demonstrate dominance of a ligand, in Chapter 4 which described the effects of the 
carbonate ligand without the presence of any other organic ligand, the cyclic voltammograms 
obtained in hyperalkaline conditions in particular showed that carbonate complexation must 
have dominated.  
 
The main reason is without the presence of the carbonate ligand to complex uranium 
to increase the solubility of uranium, those results would not have been as presented. The 
uranium salt, uranyl nitrate, is known to have a very low solubility at high pH conditions. 
Meinrath
52
 have reported increased solubility of uranium in the pH range 6 to 8 in the 
presence of the carbonate ligand or in carbonate media. If the carbonate ligand was not 
complexing uranium predominantly, then uranium would have formed a precipitate in very 
alkaline conditions leading to the lack of results as there would have been very little uranium 
dissolved in solution for a cyclic voltammetry analysis.   
 
 There were some occurrences that could not be explained at present when the 
EDTA ligand was added. Firstly, the redox waves were difficult to assign at pH 6.58 (see red 
voltammogram in Fig. 5.7) while at pH 6.09, a reduction wave occurred with a peak potential 
at ca. -1.27 to -1.30 but with no re-oxidation wave as shown in Fig. 5.8 (see red 
voltammogram). This could be seen as the transition point at ca. pH 6.0 where the redox 
behaviour of aqueous uranium changed from irreversible in acidic conditions to quasi-
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reversible in neutral to hyperalkaline conditions. This was in agreement with the U(VI) 
speciation plot in Fig. 5.1 where at ca. pH 6.0, UO2(CO3)3
4- 
started to appear while the 
uranium EDTA complex ions, i.e. UO2EDTA
2-
 and UO2HEDTA
-
, diminished and eventually 
disappeared at ca. pH 7.0.   
 
In addition, even when the EDTA ligand was absent in excess sodium carbonate  
conditions as shown in the blue voltammograms in Figs. 5.7 and 5.8 below, both the 
reduction and oxidation waves were broad and occurred at small peak currents although the 
uranium system remained quasi-reversible. In quasi-reversible systems, this was expected 
as usually only a tiny re-oxidation peak would be seen, unless a very fast scan rate was 
used because the electrode has to be taken to very oxidising potentials to “drive” the re-
oxidation process. If not, almost all of the product formed in the forward scan will diffuse into 
the bulk solution and will be unavailable for re-oxidation.  However, it must be taken into 
account that the greater the separation between the peaks of the forward and reverse scans, 
the more irreversible the electrode process. Therefore, driving the electrode to very oxidising 
potentials may lead to irreversible electrode processes. 
 
 
Figure 5.7: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
EDTA obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.1 V at ca. pH 6.7. 
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Figure 5.8: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
EDTA obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.1 V at ca. pH 6.2. 
 
 
 
 
Subsequently, it was found that the reduction peak potentials for U(VI) reduced to 
U(V) in acidic conditions (from ca. pH 1.3 to pH 5.1 as shown in Fig. 5.3; data points of 1
st
 
peak) were not constant as compared to U(V) reduced to U(IV) under the same conditions. 
They were instead moving in the negative direction and also seemed to obey the ’59 mV 
movement per pH unit’ rule, where this rule should only apply to reversible systems similar to 
results in Section 4.4.1 where the EDTA ligand was absent.  
 
This result was unexpected and yet to be explained but it could be concluded that the 
addition of the organic ligand EDTA had affected the uranium redox system in terms of 
reaction mechanisms, thermodynamics and kinetics of the redox reactions although the 
EDTA ligand might not be dominant under certain conditions in terms of complexation when 
compared to the carbonate ligand but pH-dependence must also be taken into consideration. 
A summary of the redox behaviour of uranyl nitrate in a large excess of sodium carbonate 
and the EDTA ligand across the pH range is given in Table 5.2. 
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Table 5.1: Table of redox peak potentials across the pH range for the analysis of 3 mmol 
dm
-3 
uranyl nitrate in excess sodium carbonate at a concentration of 0.2 mol dm
-3
 and 0.1 
mol dm
-3
 EDTA obtained at a scan rate of 0.1 V/s.  
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Reduction Peak Second Reduction Peak  
1.25 -0.396 to -0.448 -1.407 to -1.410 - 
2.21 -0.477 to -0.509 -1.205 to -1.255 - 
3.26 -0.457 to -0.525 -1.253 to -1.281 - 
4.44 -0.607 to -0.665 -1.283 to -1.314 - 
5.05 -0.717 to -0.760 -1.241 to -1.277 - 
6.09 - -1.284 to -1.304 - 
6.58 - No measurable peak - 
7.35 - -1.241 to -1.281 -0.164 to -0.205 
8.33 - -1.303 to -1.313 -0.169 to -0.205 
9.16 - -1.227 to -1.251 -0.206 to -0.227 
10.08 - -1.232 to -1.252 -0.202 to -0.237 
10.61 - -1.238 to -1.262 -0.213 to -0.236 
11.37 - -1.304 to -1.324 -0.201 to -0.231 
12.01 - -1.299 to -1.302 -0.225 to -0.249 
12.43 - -1.257 to -1.283 -0.220 to -0.255 
12.69 - -1.302 to -1.332 -0.199 to -0.235 
Note: The terms ‘first’ and ‘second’ for the reduction peak potentials are used as defined in 
Fig. 5.3. 
 
Table 5.2: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of excess sodium carbonate at a concentration of 0.2 mol dm
-3
 and 0.1 mol dm
-3
 
EDTA obtained at a scan rate of 0.1 V/s.  
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.25 
2.21 
3.26 
4.44 
5.05 
U(VI) to UV) to 
U(IV) No Peak 
6.09 U(VI) to U(IV) No Peak 
6.58 No peak No Peak 
7.35  
8.33  
9.16 
10.08 
10.61 
11.37 
U(VI) to U(IV) U(IV) to U(VI) 
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12.01 
12.43 
12.69 
 
 
 
 
5.3 EXPERIMENTS IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED 
CARBONATE (Pco2 = 10
-3.5
 atm) AND EDTA 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of EDTA under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions and how both the reduction and 
oxidation peak potentials vary with changes in pH values. The variation in peak potential 
values is important to deduce and predict the behaviour of uranium at a particular pH value 
as well as determine the effects of the EDTA ligand. It also determines whether data 
obtained under particular pH conditions would be applicable across the pH range, i.e. 
whether the data could be extrapolated. 
 
In addition, prior to the carrying out the experiments, some modelling was again 
carried out using the HATCHES database which provided uranium speciation information 
across the pH range. Fig. 5.9 shows the speciation data of U(VI) under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions and in the presence of EDTA while Fig. 
5.10 shows the speciation data of U(IV) under the same conditions. In the absence of 
excess sodium carbonate, there would be no formation of uranium carbonate complex ions. 
Under acidic to neutral conditions, U(VI)- and U(IV)-EDTA complexes were still dominant but 
up to slightly higher pH values of ca. pH 9.0 and pH 8.0 respectively in contrast to ca. pH 6.0 
to pH 7.0 when sodium carbonate was present in a large excess at a concentration of 0.2 
mol dm
-3
. Above ca. pH 9.0 to pH 10.0, uranium hydroxide complexes like UO2(OH)3
-
, 
UO2(OH)4
2-
, (UO2)3(OH)7
- and U(OH)4 were dominant since the carbonate ligand was not 
present in significant concentrations under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) conditions while hydroxide ions would be present in abundance under alkaline 
conditions. 
U(IV) to U(VI) U(VI) to U(IV) 
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Figure 5.9: Uranium(VI) speciation data obtained using the HATCHES database in the 
presence of 0.1 mol dm
-3
 EDTA under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
conditions. 
 
 
Figure 5.10: Uranium(IV) speciation data obtained using the HATCHES database in the 
presence of 0.1 mol dm
-3
 EDTA under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
conditions. 
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5.3.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Atmosphere-Equilibrated 
Carbonate (Pco2 = 10
-3.5
 atm) and EDTA 
 
The uranium stock solution was prepared as described in Section 2.2.4. The uranium 
stock solution contained excess sodium carbonate from previous experiments described in 
Section 4.3 and therefore the carbonate ions needed to be removed. Removal of the excess 
carbonate from the working solution was achieved by adding sufficient concentrated (37%) 
HCl. Working solutions containing 0.1 mol dm
-3 of the EDTA ligand were also prepared under 
the same experimental conditions. 
 
Experiments were not carried out in completely carbonate-free conditions but were 
carried out under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions instead 
because of the impractical nature of having completely carbonate-free conditions, especially 
at high pH. The results obtained under these experimental conditions were compared with 
those obtained in excess sodium carbonate conditions. The cyclic voltammetry results of 
uranyl nitrate and the EDTA ligand obtained under atmosphere-equilibrated carbonate (Pco2 
= 10
-3.5
 atm) conditions are presented in Fig. 5.11 below for the reduction peak potentials. 
 
Figure 5.11: Reduction peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) and 0.1 mol dm
-3
 EDTA obtained at a 
scan rate of 0.1 V/s. (Note: The calculated data were based on the average peak potential 
taken at pH 4.27 and subsequently subtracting 59 mV from the average peak potential value 
for each change in pH unit) (Note: The error bars were estimated from the difference 
between the minimum and maximum peak potentials for each redox peak.) 
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The uranium redox system was irreversible throughout the pH range, i.e. no re-
oxidation process under these experimental conditions. From the data in Fig. 5.11, at very 
acidic conditions, from ca. pH 1.4 to pH 3.5, only one reduction wave of U(VI) to U(IV) was 
observed at peak potentials of -1.21 V ± 0.08 V. A typical cyclic voltammogram obtained in 
this pH range is shown in Fig. 5.12. Two reduction waves of U(VI) reduced to U(V) and 
subsequently U(V) reduced to U(IV) were observed at near-neutral to neutral conditions from 
ca. pH 4.3 to pH 7.1 and an example cyclic voltammogram obtained in this pH range is 
presented in Fig. 5.13. The main reason for the irreversibility was that U(IV)-EDTA 
complexes were stable and hence the aqueous uranium was maintained in its U(IV) reduced 
oxidation state. This was again in agreement with the modelling data shown in Fig. 5.10 
where UEDTA was dominating up till ca. pH 9.0 before being taken over by the uranium 
hydroxide complex U(OH)4. 
 
 The peak potentials were fairly constant at -1.30 V ± 0.02 V for the reduction of U(V) 
to U(IV), but increasingly more negative for U(VI) reduced to U(V) (from ca. pH 4.3 to pH 
7.1.) as displayed in Fig. 5.11. The reduction of U(VI) to U(V) from ca. pH 4.3 to pH 7.1 
seemed to obey the ‘59 mV movement per pH unit’ rule, but this rule should only apply to 
reversible systems similar to results in Section 4.4.1 where the EDTA ligand was absent in 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. This result was 
unexpected and yet to be explained but it could be concluded that the presence of the 
organic ligand EDTA had affected the uranium redox system in terms of reaction 
mechanisms, thermodynamics and kinetics of the redox reactions. 
 
These results differ significantly with those obtained without the EDTA ligand under 
the same experimental conditions. In Section 4.4.1 which described the redox behaviour of 
aqueous uranium in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) without the 
presence of the EDTA ligand, both the reduction and oxidation peak potentials obeyed the 
‘theoretical slope of 59 mV per decade’, i.e. the potentials shifted by 59 mV in the negative 
direction with each change in pH unit. The uranium redox system was quasi-reversible in the 
absence of the EDTA ligand compared to the irreversibility observed when the EDTA ligand 
was added to the uranium system in aqueous solution.  
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When compared to results obtained in excess carbonate conditions in the presence 
of the EDTA ligand in Section 5.2, the results obtained in atmosphere-equilibrated carbonate 
(Pco2 = 10
-3.5
 atm) in the presence of the EDTA ligand showed more significant differences to 
the non-EDTA containing uranium system. The main reason could be attributed to the 
absence of the added carbonate ligand to compete with the EDTA ligand, leading to the 
observation of more EDTA effects on the redox behaviour of aqueous uranium in 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm).  
 
This prediction was confirmed to be correct when comparing the U(VI) speciation 
plots in Figs. 5.1 and 5.9 obtained through modelling under excess carbonate and 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions respectively. In Fig. 5.1, the 
uranium EDTA complex ions were dominant up to ca. pH 6.0 before carbonate complex ions 
took over while in Fig. 5.9, the uranium EDTA complex ions were dominant until ca. pH 9.0 
before hydroxide complex ions started to become more significant in terms of concentration 
under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. 
 
 A significant difference was that at above ca. pH 9 (see Fig. 5.11), no reduction of 
uranium or more specifically, no redox reaction (both reduction and oxidation reactions) was 
observed at all in the presence of the EDTA ligand in aqueous solution. This was because 
without the presence of excess sodium carbonate to keep the uranium ions in solution, 
yellow uranium precipitates have been formed in the working solutions. There were hence 
insufficient uranium free ions to observe the redox reactions of uranium in aqueous solution.  
 
 The cyclic voltammograms displayed in Figs. 5.12 and 5.13 showed irreversibility of 
the uranium redox reaction in the presence of the EDTA ligand (refer to yellow 
voltammograms). In fact, all the uranium redox reactions were irreversible in the presence of 
the EDTA ligand in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. 
Therefore at ca. pH 1.4 to pH 8.7, the uranium species remained in the reduced state of 
U(IV) in aqueous solution. This was confirmed by the speciation plot in Fig 5.10 where the 
U(IV)-EDTA complex was stable and dominant up to ca. pH 8.0. These results were similar 
to those obtained with the EDTA ligand in excess carbonate conditions around ca. pH 1.3 to 
pH 5.1 (the pH of the solutions were adjusted using the minimal amount of HCl), where the 
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uranium-EDTA system was irreversible as well and uranium remained in the reduced U(IV) 
oxidation state in aqueous solution. 
 
 
 
Figure 5.12: Cyclic voltammograms of 0.3 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 EDTA obtained using a glassy carbon 
working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 2.1 in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm). 
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Figure 5.13: Cyclic voltammograms of 0.3 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 EDTA obtained using a glassy carbon 
working electrode at a scan rate of 0.1 V/s and initial potential of +0.1 V at ca. pH 6.5 in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). 
 
 
 
 
The full set of cyclic voltammograms obtained with uranyl nitrate and the EDTA 
ligand in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) is given in Appendix VII. 
Appendix IV provided the full set of cyclic voltammograms obtained with uranyl nitrate only in 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). This is needed to be able to observe 
the full scale of the redox peaks of uranyl nitrate clearly in the absence of the EDTA ligand. 
A summary of the reduction peak potentials and change in the uranium oxidation states with 
pH obtained for uranyl nitrate with the EDTA ligand in atmosphere-equilibrated carbonate 
(Pco2 = 10
-3.5
 atm) is given in Tables 5.3 and 5.4.  
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Table 5.3: Table of redox peak potentials across the pH range for the analysis of 0.3 mmol 
dm
-3 
uranyl nitrate in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
and 0.1 mol dm
-3 
EDTA obtained at a scan rate of 0.1 V/s. 
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Reduction Peak Second Reduction Peak  
1.42 - -1.154 to -1.189 - 
2.24 - -1.121 to -1.131 - 
3.43 - -1.278 to -1.317 - 
4.27 -0.601 to -0.732 -1.293 to -1.324 - 
5.37 -0.626 to -0.695 -1.270 to -1.307 - 
6.49 -0.676 to -0.747 -1.280 to -1.305 - 
6.90 -0.717 to -0.797 -1.291 to -1.317 - 
7.06 -0.732 to -0.802 -1.295 to -1.324 - 
8.69 - -1.305 to -1.325 - 
9.20 - - - 
10.33 - - - 
10.69 - - - 
11.24 - - - 
11.92 - - - 
12.24 - - - 
12.58 - - - 
12.77 - - - 
13.16 - - - 
13.36 - - - 
Note: The terms ‘first’ and ‘second’ for the reduction peak potentials are used as defined in 
Fig. 5.11. 
 
 
 
Table 5.4: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) and 0.1 mol dm
-3 
EDTA 
obtained at a scan rate of 0.1 V/s. 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.42, 2.24, 3.43 U(VI) to U(IV) No Peak 
4.27, 5.37, 6.49, 6.90, 7.06 U(VI) to U(V) to U(IV) No Peak 
8.69 U(VI) to U(IV) No Peak 
9.20, 10.33, 10.69, 11.24, 11.92,  
12.24, 12.58, 12.77, 13.16, 13.36 No Peak No Peak 
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5.4 SUMMARY 
 
This chapter summarises the results obtained for the cyclic voltammetry experiments of 
uranyl nitrate with the addition of the EDTA ligand in two different experimental conditions 
which are 3 mmol dm
-3
  uranyl nitrate in the presence of excess sodium and 0.3 mmol dm
-3
 
uranyl nitrate in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). In 
each experimental condition, the cyclic voltammetry results were compared in both the 
EDTA and non-EDTA containing systems in terms of peak potentials and the shape of the 
cyclic voltammograms, i.e. the number of redox waves and its reversibility. In addition, the 
experimental results were also compared with the modelling results obtained using the 
HATCHES database. 
 
Experiments carried out in the presence of the EDTA ligand in both excess sodium 
carbonate and atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions seemed to 
obey the ‘theoretical slope of 59 mV per decade’ in narrow pH ranges, i.e. between ca. pH 
1.3 to pH 5.1 in excess sodium carbonate and between ca. pH 4.3 to pH 7.1 in atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. Both results were unexpected as the 
uranium system in those pH ranges and conditions were irreversible in the presence of the 
EDTA ligand while this theory should only apply to reversible redox systems. The 
unexpected results have yet to be explained but it could be concluded that the presence of 
the organic ligand EDTA had affected the uranium redox system in terms of reaction 
mechanisms, thermodynamics and kinetics of the redox reactions. 
 
It was found that EDTA complexation in excess sodium carbonate conditions was dominant 
in acidic to neutral conditions because U(IV) formed a stable complex with the EDTA ligand, 
i.e. U(IV)-EDTA and aqueous uranium remained in the reduced U(IV) oxidation state and the 
system was hence irreversible with no re-oxidation process observed. These results were in 
agreement with the modelling results, where UEDTA dominated up till ca. pH 7.8. Although 
uranium was maintained in the reduced state of U(IV) in aqueous solution and expected to 
be less mobile than U(VI), this might not be the case if a U(IV)-EDTA complex was formed 
when the EDTA ligand was present in solution as well. This is because complexation of 
uranium ions with organic ligands such as EDTA may change the solubility and hence the 
mobility of uranium in aqueous solution. 
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However, in alkaline and hyperalkaline systems in the same experimental conditions, 
carbonate complexation was dominant as the cyclic voltammetry results were similar in 
terms of the shape of the cyclic voltammograms and peak potentials regardless if the EDTA 
ligand was present. This was also in line with the speciation data which confirmed the 
dominance of the uranium carbonate complex ions at high pH values. The uranium redox 
system was quasi-reversible in these pH conditions. 
 
The carbonate ligand was therefore the dominant ligand over the EDTA ligand in the high pH 
range. The main reason U(VI)-EDTA complexes were unstable was that the uranyl ions do 
not fulfil the steric requirements of EDTA as shown in Fig. 2.4, where a certain metal-ligand 
arrangement was required to achieve complexation. Complexation of uranium ions with the 
carbonate ligand on the other hand did not require any particular arrangement since 
carbonate exists as free ions.  There was another possibility of the existence of different 
uranium-EDTA complexes at varying complexing strengths at different pH values. 
 
In the presence of the EDTA ligand under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) conditions, the uranium redox system was irreversible throughout the pH range. This 
was because without the presence of excess sodium carbonate to keep the uranium ions in 
solution, yellow uranium precipitates have been formed in the working solutions in the 
alkaline to hyperalkaline pH range. There were hence insufficient uranium free ions to 
observe the redox reactions of uranium in aqueous solution.   
 
The uranium-EDTA redox system was also irreversible under acidic to neutral conditions as 
well in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. At around ca. pH 
1.4 to pH 8.7, aqueous uranium was reduced from U(VI) to U(IV) and U(IV) has complexed 
with the EDTA ligand, thereby forming the stable U(IV)-EDTA. U(IV)-EDTA is known to be a 
stable complex but the formation of this complex could potentially promote the migration of 
uranium through natural waters. This was again in agreement with the modelling data where 
UEDTA was dominating up till ca. pH 9.0 before being taken over by the uranium hydroxide 
complex U(OH)4.  
 
It could therefore be concluded that the redox behaviour of the predominant complexes, i.e. 
uranium EDTA complexes under acidic conditions and uranium carbonate complexes under 
alkaline conditions in the presence of excess sodium carbonate and uranium EDTA 
complexes under acidic conditions and uranium hydroxide complexes under alkaline 
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conditions in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
conditions, was significantly affected by the presence of the EDTA ligand. There was also 
good correlation and agreement between the uranium speciation data (modelling data) with 
the redox behaviour of uranium in the presence of EDTA (experimental data). 
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CHAPTER 6: EFFECTS OF GLUCONIC ACID ON THE REDOX BEHAVIOUR OF 
URANIUM IN AQUEOUS SOLUTION 
 
 
6.1 CHAPTER OUTLINE 
 
This chapter describes the effects of gluconic acid on the oxidation-reduction behaviour of 
uranium in aqueous solution. Experiments were carried out using uranyl nitrate and gluconic 
acid in the presence and absence of excess sodium carbonate in aqueous solution. The 
work done without the addition of excess sodium carbonate was assumed to be carried out 
under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) conditions. Work was not done 
in completely carbonate-free conditions as this was considered inappropriate for replicating 
environmental or likely GDF conditions, especially at high pH.  
 
In addition to anthropogenic organic ligands like EDTA discussed in Chapter 5, gluconic 
acid, C6H12O7, a natural carboxylic acid formed from the oxidation of glucose may also be 
present in a potential cementitious GDF. Gluconic acid actually refers to ᴅ-gluconic acid 
derived from natural ᴅ-glucose. Gluconic acid is commonly used as a retarding organic 
admixture in concrete to improve its physical and rheological properties and is also typically 
used as an analogue of α-isosaccharinic acid, α-ISA (a cellulose degradation product which 
will be discussed in Chapter 7) as it is structurally similar to α-ISA, i.e. polyhydroxylated, 
commercially available at high purity and it will also occur in a waste repository.  
 
Therefore, even though α-ISA is the main decomposition product of cellulose, there are 
significantly fewer studies on the α-ISA ligand compared to the ᴅ-gluconate ligand.129 This is 
partly because the gluconate ion, C5H11O5COO
-
, can be easily obtained in the form of 
sodium gluconate, C6H11O7Na, whereas ISA requires “in-house” synthesis, where obtaining 
a pure product is challenging. This situation coupled with the structural similarities between 
ᴅ-gluconate and α-isosaccharinate have led gluconic acid to be used as an analogue for ISA 
for probing metal complexation and for quantifying the likely effects on radionuclide 
solubility.
129
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Despite this, there has been no systematic study of the interactions of the two ligands to 
show that their effects are actually analogous. Therefore, the results in both Chapter 6 
(gluconic acid) and Chapter 7 (α-ISA) will be compared to confirm whether or not the 
complexation of gluconic acid with uranium is analogous to the complexation of α-ISA to 
uranium in aqueous solution. 
 
Gluconic acid is being studied on its own as well because the presence of gluconic acid in 
an ILW may have a detrimental effect on the sorption of radionuclides like uranium, by 
forming organic complexes in solution. The complexation of the gluconate ligand with 
lanthanides and actinides has been a subject of study because the gluconate ligand is also 
present in some high-level radioactive wastes and its presence affects the f-electron element 
complexation across the pH range.
130
 It is therefore essential to investigate the complexation 
effects of gluconic acid in the gluconate form with uranium in aqueous solution to make 
accurate predictions of radionuclide mobility.  
 
In acidic aqueous solution, the protonation of the gluconate ion (a fast chemical process) is 
coupled with the lactonisation of gluconic acid (a slow reaction).
130
 Two forms of lactone (δ- 
and γ-) are sequentially formed where the δ-lactone forms more readily than the γ-lactone. In 
neutral to alkaline solutions, the gluconate ligand forms strong complexes with metal cations. 
Under acidic conditions, the ability of gluconic acid to bind to metal ions is weak or moderate 
mainly because it remains protonated.
131, 132
 This is also the main reason thermodynamic 
data that describe the solution behaviour of gluconic acid under acidic conditions are scarce 
and in disagreement,
130
 in addition to complications by the lactonisation of gluconic acid at 
low pH values.
133, 134
 The published literature
70
 showed that lactonisation also occurs with α-
ISA (Section 2.3.3.1). 
 
Although the formation of a lactone is catalysed by the hydrogen ion, lactonisation and its 
reverse reaction, i.e. the hydrolysis of lactone, does not alter the acidity of the solution. To 
be consistent with the notations in literature and in reactions equations presented in this 
chapter; gluconate, gluconic acid, δ-lactone and γ-lactone are denoted as GH4
-
, HGH4, δ-L 
and γ-L respectively as shown in Fig. 6.1, where the first H of HGH4 refers to the proton on 
the carboxylate group and H4 refers to the four hydrogen atoms on the secondary 
alcohols.
135, 136
 The six carbon atoms are numbered starting from the top in order as C1 to 
C6. 
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Figure 6.1: The various forms of gluconic acid. (Figure reprinted from Z. Zhang, L. Rao, G. 
Tian, S. B. Clark, G. Helms and P. Zananoto, 2007.)
130
 
 
 
 
 
 The results presented below came from four sets of experimental conditions which were: 
      i)       3 mmol dm
-3 uranyl nitrate in excess sodium carbonate  
      ii)      3 mmol dm
-3 uranyl nitrate and 0.1 mol dm
-3 gluconic acid in excess sodium  
               carbonate  
      iii)     1.4 mmol dm
-3 uranyl nitrate in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5   
               atm) 
      iv)     1.4 mmol dm
-3 uranyl nitrate and 0.1 mol dm
-3 gluconic acid in atmosphere-  
               equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
 
A comparison between experimental results obtained under conditions (i) with (ii) and 
conditions (iii) with (iv) are detailed to observe the effects of the organic ligand gluconate and 
competition between gluconate and the inorganic ligand, carbonate, in both excess 
carbonate and atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. 
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6.2 EXPERIMENTS IN THE PRESENCE OF EXCESS SODIUM CARBONATE AND 
GLUCONIC ACID 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of gluconic acid and excess sodium 
carbonate at a concentration of 0.2 mol dm
-3
 and how both the reduction and oxidation peak 
potentials vary with changes in pH values. The variation in peak potential values is important 
to deduce and predict the behaviour of uranium at a particular pH value as well as determine 
the effects of gluconic acid. It also determines whether data obtained under particular pH 
conditions would be applicable across the pH range, i.e. whether the data could be 
extrapolated. It is worth noting that when HCl was added to the solutions containing excess 
carbonate to adjust their pH values, chemical transformations would have occurred. 
 
 
 
6.2.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Excess Sodium 
Carbonate and Gluconic Acid 
 
 
The uranium stock solution was prepared as described in Section 2.2.6. Excess 
sodium carbonate was added to the solution to observe its complexation effects with 
uranium in aqueous solution in its different oxidation states in addition to competition effects 
between the carbonate and gluconate ions in terms of aqueous uranium complexation 
behaviour. Working solutions containing both excess sodium carbonate and 0.1 mol dm
-3 
gluconic acid were also prepared. The results are presented in Fig. 6.2 for the reduction 
peak potentials and Fig. 6.3 for the oxidation peak potentials. These plots were used to 
observe the variation in peak potentials with changes in pH in order to understand the redox 
behaviour of uranium in the presence of gluconic acid and excess sodium carbonate in 
aqueous solution across the pH range. It is essential to note that the alkaline sodium 
carbonate solutions were adjusted to the required pH values in the acidic range using 1-5 % 
of HCl. 
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Figure 6.2: Reduction peak potential data as a function of pH in the presence of 0.2 mol dm
-
3
 sodium carbonate and 0.1 mol dm
-3
 gluconic acid obtained at a scan rate of 0.1 V/s. (Note: 
The error bars were estimated from the difference between the minimum and maximum 
peak potentials for each redox peak.) 
 
 
Figure 6.3: Oxidation peak potential data as a function of pH in the presence of 0.2 mol dm
-3
  
sodium carbonate and 0.1 mol dm
-3
 gluconic acid obtained at a scan rate of 0.1 V/s. (Note: 
The error bars were estimated from the difference between the minimum and maximum 
peak potentials for each redox peak.) 
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Both the reduction (see Fig. 6.2) and oxidation (see Fig. 6.3) peak potentials 
displayed similar trends, i.e. moving in the negative direction under very acidic conditions 
and remaining fairly constant at neutral to alkaline conditions. In acidic conditions from ca. 
pH 1.4 to pH 4.0, the reduction peak potentials measured for the reduction of U(VI) to U(V) 
were becoming increasingly negative from ca. -0.50 to -0.90 V. This was very much in 
contrast with the results obtained under the same experimental conditions (see Fig. 6.4 – 
blue voltammogram), i.e. with excess sodium carbonate but in the absence of gluconic acid 
at similar pH where U(VI) was reduced to U(III) in three one-electron reduction processes 
(shown in Equations 49-51 below) and the peak potentials remained constant in that pH 
range. This indicated that gluconic acid has affected the redox behaviour of uranium in 
aqueous solution. 
 
                                          UO2
2+
 + e-             UO2
+
                                                  (49) 
 
                                   UO2
+
 + 4H
+ 
+ e-            U
4+ 
+ 2H2O                                        (50) 
 
                                           U
4+
 + e-                 U
3+
                                                    (51) 
 
 
As the pH of the uranyl nitrate solution containing excess sodium carbonate and 
gluconic acid increases from ca. pH 5.4 to pH 12.0, the reduction peak potentials were found 
to be constant at -1.28 V ± 0.05 V, corresponding to the reduction of U(VI) to U(IV) in 
contrast to the formation of U(V) at very low pH. The reason for this has been investigated in 
previous literature. Suzuki and co-workers
23
 have reported in their uranium work with organic 
acids as complexing ligands that the U(V) species was fairly stable only in a narrow pH 
range of 2 to 4, where in these cases, the disproportionation of U(V) to U(IV) and U(VI) 
would be quite slow. Sutton
35
 stated that U(V) complexes are the least stable complexes of 
aqueous uranium and at above ca. pH 3, U(V) will undergo disproportionation to form 
aqueous U(IV) and U(VI) species. At a pH range of ca. 2.5 to 3, the rate of disproportionation 
of U(V) is slow and therefore the U(V) complexes can be isolated by rapid precipitation if 
required. The results obtained were therefore in agreement with the reported literature. 
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The results presented in Fig. 6.2 agreed with the reported literature because U(V) 
was formed between ca. pH 1.4 to pH 4.0 and remained in the U(V) oxidation state. The 
gluconate ion was predicted to be complexing with U(V) strongly, thereby keeping the U(V) 
species stable in that pH range, which would otherwise exist only in transition usually. There 
is currently not enough data from either the literature or these experiments to be able to 
deduce any reaction mechanism for the complexation of the gluconate ion with aqueous 
uranium or the complexation ratio of chelate to metal. Little is known about the complexing 
properties of the gluconate ion and there is significantly less reported on this compared to 
the complexation of uranium with the EDTA ligand. Typical cyclic voltammograms obtained 
in the acidic pH range are shown in Figs. 6.4 and 6.5. Above ca. pH 5.4 to pH 12.0, U(V) 
was formed only in transition and the more stable oxidation state of uranium was U(IV). A 
typical cyclic voltammogram obtained in this pH range is shown in Fig. 6.6. 
 
 There were perhaps reduction waves observed at pH 4.77 but they were difficult to 
identify and assign most probably because that could be seen as the transition point 
between the two different trends in terms of the redox behaviour of aqueous uranium. To 
enable assignment of those peaks, a different technique would need to be employed. The 
full set of cyclic voltammograms obtained across the whole pH range is given in Appendix 
VIII while the redox peak potentials for the formation of each uranium redox state when 
gluconic acid was present in excess sodium carbonate conditions are presented in Table 
6.1. 
 
Turning to the reverse sweep of the cycle (see Fig. 6.3), under acidic conditions, the 
oxidation peak potentials were also moving towards more negative peak potentials at ca. pH 
1.4 to pH 2.4., corresponding to the re-oxidation of U(V) to U(VI). There was no data 
available around ca. pH 4.0 to pH 6.0. Above ca. pH 6.5, the oxidation peak potentials 
remained fairly constant at peak potentials of ca. – 0.08 V ± 0.06 V. The results obtained for 
the oxidation peak potentials were quite similar to those obtained in the non-gluconic acid 
containing system in the presence of a large excess of carbonate (see Fig. 4.7), i.e. similar 
trends at similar pH and at fairly similar peak potentials.  
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Figure 6.4: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
gluconic acid obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and 
initial potential of +0.5 V at ca. pH 1.4.  
 
 
 
Figure 6.5: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
gluconic acid obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and 
initial potential of +0.5 V at ca. pH 1.4  
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Fig. 6.4 showed the cyclic voltammograms obtained in excess sodium carbonate in 
the absence (blue voltammogram) and presence (red voltammogram) of gluconic acid while 
Fig. 6.5 showed the cyclic voltammograms in a narrower potential range of +0.5 V to -1.0 V 
in order to be able to observe the first reduction waves better, i.e. the reduction of U(VI) to 
U(V). The differences were significant depending if gluconic acid was present in solution with 
uranyl nitrate. In the absence of gluconic acid from Fig. 6.4 (blue voltammogram), three 
reduction waves were observed where U(VI) was reduced to U(V) in the first reduction wave 
at peak potentials of ca. -0.386 to -0.420 V. U(V) was then subsequently reduced to U(IV) in 
the second reduction wave at peak potentials of ca. -1.233 to -1.243 V and U(III) was formed 
from the reduction of U(IV) at peak potentials of ca. -1.362 to -1.383 V. 
 
In the presence of gluconic acid, only a set of redox waves was observed in Fig. 6.5 
(red voltammogram) with a reduction wave corresponding to the reduction of U(VI) to U(V) at 
peak potentials of ca. -0.496 to -0.521 V and an oxidation wave corresponding to the re-
oxidation of U(V) to U(VI) at peak potentials of ca. +0.217 to +0.249 V. U(V) was reported to 
be fairly stable at this pH and hence its formation in solution.
23
 From Fig. 6.5, the first 
reduction wave of U(VI) to U(V) under very acidic conditions occurred at similar peak 
potentials in both the absence and presence gluconic acid at ca. -0.4 V and -0.5 V 
respectively. This indicated that the gluconate ion has no significant effect at low pH and 
behaves like an ordinary carboxylic acid instead of a chelator under very acidic conditions, 
thereby leading to the dominance of the carbonate ligand instead. It is known that the ability 
of gluconic acid to bind to metal ions is weak or moderate under acidic conditions.
130
 The 
main reason is in acidic aqueous solution, the fast chemical processes of protonation of the 
gluconate ion and complexation are coupled with the slow reaction of lactonisation of 
gluconic acid.
130
 
 
An important observation from Fig. 6.4 in the absence of gluconic acid was that the 
reduction of U(VI) to U(V) occurred at significantly more positive potentials than the 
reduction of U(V) to U(IV) and subsequently U(IV) to U(III). This was an indication that more 
energy, i.e. more negative potentials were required to drive the reduction reaction beyond 
the U(V) oxidation state as the U(IV) and U(III) oxidations states are known to be the more 
stable oxidation states of uranium in contrast to U(V), which is usually present in transition 
only. In addition, the formation of U(IV) from U(V) requires the breaking of a metal-oxygen 
bond. 
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A quasi-reversible system was observed presumably due to sluggish kinetics.  The 
reduction wave (see Fig. 6.5 – red voltammogram) which was of U(VI) reduced to U(V) in the 
presence of gluconic acid coincided at similar peak potentials to the results obtained when 
gluconic acid was absent (see Fig. 6.5 – blue voltammogram), which was also of the 
reduction of U(VI) to U(V). This was the same with the oxidation waves where in both the 
absence and presence of gluconic acid (blue and red cyclic voltammograms in Fig. 6.5), 
both waves occurred at similar peak potentials at ca. +0.20 to +0.30 V.  
 
This could be an indication that carbonate was the dominating ligand compared to 
the gluconate ion as similar results were obtained regardless of whether gluconic acid was 
present in a large excess of sodium carbonate. In addition, it has to be taken into account 
that from Fig. 6.5, the red cyclic voltammogram which was obtained in the presence of 
gluconic acid showed a larger separation between the oxidation and reduction peaks when 
compared to the blue cyclic voltammogram which was obtained in the absence of gluconic 
acid under similar experimental conditions. This indicated that the presence of gluconic acid 
might cause the uranium redox system to approach irreversibility as the larger the separation 
between the forward and reverse scans, the more irreversible the electrode process.  
 
 
Figure 6.6: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of 0.1 mol dm
-3
 
gluconic acid obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and 
initial potential of +0.1 V at ca. pH 11.9. 
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It can be seen from Fig. 6.6, in both the absence and presence of gluconic acid in 
excess sodium carbonate under alkaline conditions, the cyclic voltammograms were quasi-
reversible and similar in terms of the number of redox waves and the shapes of the 
voltammograms. The only slight difference was in the peak potentials of both the reduction 
and oxidation waves where the separation between the redox waves was more when 
gluconic acid was present similar to the results obtained under acidic conditions. This again 
indicated that the presence of gluconic acid might cause the uranium redox system to 
approach irreversibility as the larger the separation between the forward and reverse scans, 
the more irreversible the electrode process.  
 
In addition, the results obtained in both the absence and presence of gluconic acid in 
excess sodium carbonate under neutral to alkaline conditions were similar to those obtained 
in Chapter 5 when the EDTA ligand was added to the uranium redox system (Fig. 5.4 – red 
voltammogram) under the same experimental conditions. There was no significant difference 
in the shape of the cyclic voltammograms, peak potentials and the number of redox waves 
regardless if the EDTA ligand was present or not in a large excess of sodium carbonate.  
 
It can therefore be concluded that the addition of gluconic acid (an organic acid) and 
EDTA (an anthropogenic organic ligand) to the uranium redox system under neutral to 
alkaline conditions did not change the redox behaviour of aqueous uranium because there 
was no significant difference between the voltammetry results obtained using the different 
ligands under the same experimental conditions (in excess sodium carbonate at a 
concentration of 0.2 mol dm
-3
 and at similar pH values). The main reason could most 
probably be attributed to the fact that the carbonate ligand (an inorganic ligand) was the 
dominating ligand in the neutral to alkaline pH range, since the addition of a second ligand 
did not affect the redox behaviour of uranium in solution significantly. Nevertheless, 
Ramachandran et al.
75
 have reported that sodium gluconate has a high sequestering power 
and that it is a good chelator at alkaline pH and its action is comparatively better than EDTA 
while Zhang et al.
130
 have stated that the gluconate ligand forms strong complexes with 
metal cations in neutral to basic solutions. This could be true but the results obtained could 
not be compared directly to the literature because of the presence of a competing ligand, the 
carbonate ligand. 
 
The redox peak potentials for the formation of each uranium redox state when 
gluconic acid was present in excess sodium carbonate conditions are presented in Table 6.1 
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below while a summary of the redox behaviour of uranyl nitrate in the presence of gluconic 
acid and in a large excess of sodium carbonate is given in Table 6.2 below. 
 
Table 6.1: Table of redox peak potentials across the pH range for the analysis of 3 mmol 
dm
-3 
uranyl nitrate in excess sodium carbonate at a concentration of 0.2 mol dm
-3
 and 0.1 
mol dm
-3
 gluconic acid obtained at a scan rate of 0.1 V/s.  
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
1.41 -0.496 to -0.521 0.217 to 0.249 
2.42 -0.566 to -0.602 Inflection 
3.94 -0.848 to -0.919 - 
4.77 No measurable peak - 
5.44 -1.265 to -1.297 - 
6.55 -1.272 to -1.306 -0.0281 to -0.0771 
7.13 -1.241 to -1.267 -0.0465 to -0.0876 
8.89 -1.319 to -1.356 0.00905 to -0.0327 
9.79 -1.321 to -1.357 -0.00383 to -0.0517 
10.71 -1.303 to -1.329 -0.00720 to -0.0517 
11.38 -1.246 to -1.282 -0.0989 to -0.127 
12.03 -1.278 to -1.299 -0.0845 to -0.115 
12.63 - - 
13.07 - - 
 
 
Table 6.2: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of excess sodium carbonate at a concentration of 0.2 mol dm
-3
 and 0.1 mol dm
-3
 
gluconic acid obtained at a scan rate of 0.1 V/s.  
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.41 
2.42 U(VI) to U(V) U(V) to U(VI) 
3.94 U(VI) to U(V) No Peak 
4.77 No Peak No Peak 
5.44 U(VI) to U(IV) No Peak 
6.55 
7.13 
8.89 
9.79 
10.71 
11.38 
12.03 
U(VI) to U(IV) U(IV) to U(VI) 
12.63 
13.07 No Peak No Peak 
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From Table 6.2, it can be seen that a significant change in the redox behaviour of 
uranium in aqueous solution occurred around ca. pH 3.9 to pH 5.4. This was most probably 
caused by a change in the coordination chemistry of the gluconate ion with aqueous uranium 
as the pH values changed. The way gluconic acid deprotonates to form the gluconate ion 
which subsequently binds to the uranium ion depends on the oxidation state of the metal 
cation. As an example, even at similar pH values, the binding or the coordination chemistry 
of the gluconate ion with both U(IV) and U(VI) are different because these two uranium 
oxidation states are different from each other in both solubility and mobility.  In addition, 
there was no redox reaction at very high pH values of pH 12.63 and pH 13.07. This could be 
attributed to the fact that hydroxide ions were now present in abundance and could be the 
dominating ions in aqueous solution, thereby preventing complexation of any other ligands 
such as carbonate and gluconic acid with uranium. 
 
 
 
6.3 EXPERIMENTS IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED 
CARBONATE (Pco2 = 10
-3.5 
atm) AND GLUCONIC ACID 
 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of gluconic acid under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions and how both the reduction and 
oxidation peak potentials vary with changes in pH values. The variation in peak potential 
values is important to deduce and predict the behaviour of uranium at a particular pH value 
as well as determine the effects of gluconic acid. It also determines whether data obtained 
under particular pH conditions would be applicable across the pH range, i.e. whether the 
data could be extrapolated. 
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6.3.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Atmosphere-Equilibrated 
Carbonate (Pco2 = 10
-3.5
 atm) and Gluconic Acid 
 
The uranium stock solution was prepared as described in Section 2.2.6. The uranium 
stock solution made did not contain any additional sodium carbonate and so the solution was 
strictly influenced by atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) only. Working 
solutions containing 0.1 mol dm
-3 gluconic acid were also prepared under the same 
experimental conditions. 
 
Experiments were not carried out in completely carbonate-free conditions but were 
carried out under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions instead 
because of the impractical nature of having completely carbonate-free conditions, especially 
at high pH. The results obtained under these experimental conditions were compared with 
those obtained in excess sodium carbonate conditions. The cyclic voltammetry results of 
uranyl nitrate and gluconic acid obtained under atmosphere-equilibrated carbonate (Pco2 = 
10
-3.5
 atm) conditions are presented in Fig. 6.7 below for the reduction peak potentials and 
Fig. 6.8 for the oxidation peak potentials. 
 
Figure 6.7: Reduction peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) and 0.1 mol dm
-3
 gluconic acid 
obtained at a scan rate of 0.1 V/s. (Note: The error bars were estimated from the difference 
between the minimum and maximum peak potentials for each redox peak.) 
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Figure 6.8: Oxidation peak potential data as a function of pH in the presence of atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) and 0.1 mol dm
-3
 gluconic acid obtained at a scan 
rate of 0.1 V/s. (Note: The error bars were estimated from the difference between the 
minimum and maximum peak potentials for each redox peak.) 
 
 
 
From Figs. 6.7 and 6.8 above, it is apparent that very little data were obtained for the 
cyclic voltammetry experiments of uranyl nitrate in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) and gluconic acid. Experiments were carried out across the pH 
range from pH 1 to pH 13 but redox peaks were observed at low pH conditions only, from ca. 
pH 1.7 to pH 4.5. At pH 1.66 and pH 2.17, the uranium redox system was quasi-reversible 
and a set of redox peaks corresponding to the reduction of U(VI) to U(V) and the re-oxidation 
of U(V) to U(VI) was observed.  
 
At pH 3.31 and pH 4.46, aqueous uranium was reduced from its oxidation state of 
U(VI) to U(V) and then to U(IV). U(IV) was then re-oxidised back to U(VI) only at pH 3.31 but 
not at pH 4.46 thereby leading to the irreversibility of the uranium redox system at pH 4.46. 
The uranium redox system was quasi-reversible at pH 1.66, 2.17 and 3.31. Cyclic 
voltammograms obtained at the four different pH values are shown in Figs. 6.9 - 6.15 while 
the complete set of voltammograms across the pH range is shown in Appendix IX. 
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There could be a few reasons as to why virtually no voltammetric peaks were 
obtained for the cyclic voltammetry experiments of uranyl nitrate in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) and gluconic acid. Firstly, gluconic 
acid is a weaker ligand compared to EDTA. The first acid dissociation constant for the 
deprotonation of a carboxylic acid (-COOH) group of EDTA is 1.99 in contrast to 3.86 for the 
first deprotonation of gluconic acid. It is a fact that the larger the value of the acid 
dissociation constant (pKa), the smaller the extent of dissociation at any given pH, i.e. the 
weaker the acid. Deprotonation of the ligands is essential to bind to a metal ion. Hence, the 
organic acid is a weaker ligand if the extent of the dissociation of the acid is smaller. The 
other reason could be due to the absence of excess carbonate to bind to uranyl nitrate, 
leading to its precipitation at higher pH. There was insufficient uranium dissolved in solution 
to be able to observe any change in the redox behaviour of uranium. 
 
Some reports
75, 130
 have, however, indicated that the gluconate ligand forms strong 
complexes with metal cations in neutral to basic solutions. Sawyer and Kula
137
 have reported 
that the gluconate ion formed stable complexes with U(VI), particularly under basic 
conditions. The authors used the continuous variations method and mole ratio method to 
establish that the most stable complex contained one U(VI) ion per gluconate ion. A 
formation reaction proposed for the one-to-one complex is shown below.
137
  
 
                    UO2(OH)
+ 
+ GH4
-
  + OH
-    UO2(GH4)(OH)2
-
                                (52) 
 
 
 This could therefore also be the reason very little data were obtained under 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions as displayed in Figs. 6.7 
and 6.8. U(VI), the initial oxidation state of uranium in solution, was complexing strongly with 
the gluconate ligand when they are mixed together, leading to the absence of any redox 
reaction of the complex formed. Zhang et al.
138
 described the formation of three uranyl 
complexes with the gluconate ligand within the pH range of 2.5 to 4.2, i.e. UO2(GH4)
+
, 
UO2(GH3) (aq) and UO2(GH3)GH4
-
 through the following reactions. 
 
                                     UO2
2+ 
+ GH4
-
      UO2(GH4)
+
                                                   (53) 
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                                     UO2
2+ 
+ GH4
-
      UO2(GH3) + H
+
                                             (54) 
 
                                   UO2
2+ 
+ 2(GH4)
-
    UO2(GH3)GH4
-
 + H
+
                                     (55) 
 
 
According to the authors,
138
 the UO2(GH4)
+ 
complex was formed through the 
bidentate carboxylic binding to U(VI). In the UO2(GH3) (aq) complex, hydroxyl deprotonated 
gluconate ion, GH3
2-
, coordinated to U(VI) through the five-membered ring chelation. As for 
the UO2(GH3)GH4
-  
complex, multiple coordination modes have been suggested, mainly the 
trivalent and pentavalent actinide complexation by the gluconate ligand. 
 
 
 
Figure 6.9: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 1.7 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). 
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Figure 6.10: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 1.7 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) (Potential Range: 
0.5 V to -1.0 V to 0.5 V). 
 
Figure 6.11: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 2.4 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). 
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Figure 6.12: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 2.4 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) (Potential Range: 
0.5 V to -1.0 V to 0.5 V). 
 
 
 
From Figs. 6.9 and 6.11, it can be seen that in the absence of gluconic acid (green 
voltammograms) under acidic conditions, there were three reduction waves where U(VI) was 
first reduced to U(V) and subsequently U(IV) before finally being reduced to U(III). The first 
reduction wave of U(VI) to U(V) could be observed more clearly in Figs. 6.10 and 6.12, 
where the cyclic voltammograms were shown in a narrower potential range of +0.5 V to -1.0 
V. The re-oxidation peak corresponded to the re-oxidation of U(V) to U(VI) because U(III) is 
a strong reducing agent and would have been re-oxidised by the solvent at the beginning of 
the reverse cycle, which was water in this case.
47
 The re-oxidation of U(III) was therefore not 
observed. 
 
In the presence of gluconic acid (yellow voltammograms) at similar pH values, only 
one reduction wave was observed at ca. -0.4 to -0.6 V, which corresponded to the reduction 
of U(VI) to U(V) and the re-oxidation wave of U(V) to U(VI) was seen at ca. +0.2 to +0.4 V. 
Similarly, the reduction and oxidation waves could be observed more clearly in Figs. 6.10 
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and 6.12  where the cyclic voltammograms were shown in a narrower potential range of +0.5 
V to -1.0 V. 
 
 
 
Figure 6.13: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 3.4 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). 
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Figure 6.14: Cyclic voltammogram of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy carbon 
working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 3.3 in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) (Potential Range: 0.5 V to 
-1.0 V to 0.5 V). 
 
Figure 6.15: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of 0.1 mol dm
-3
 gluconic acid obtained using a glassy 
carbon working electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 4.4 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm). 
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As the pH increased (see Figs. 6.13 - 6.15 – yellow voltammograms), two reduction 
waves were observed at pH 3.31, which were of the reduction of U(VI) to U(V) and then 
U(IV). The reduction of U(VI) to U(V) occurred at a peak potential of ca. -0.29 to -0.35 V 
while the reduction of U(V) to U(IV) required more energy, i.e. more negative potentials to 
occur and this second reduction wave was observed at peak potentials of ca. -1.45 V. The 
re-oxidation of U(IV) to U(VI) occurred at a negative peak potential of ca. -0.16 to -0.21 V. At 
pH 4.46, similar uranium reduction behaviour was observed but with no re-oxidation reaction 
thereby resulting in an irreversible reaction. A summary of the redox peak potentials and 
change in the uranium oxidation states with pH obtained for uranyl nitrate with gluconic acid 
in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) is given in Tables 6.3 and 6.4.  
 
Above pH 4.46, no redox reaction was observed at all. This is very difficult to explain 
at present. A few reasons have been considered such as the precipitation of uranium at 
higher pH leading to very little dissolved uranium for any redox reaction to occur because of 
the absence of the carbonate ligand. However, this is hard to justify because no redox 
reaction was observed even at neutral pH where uranium should still stay dissolved in 
solution even in the absence of a ligand to promote its solubility. In addition, the gluconate 
ion was supposedly a strong chelator under alkaline conditions
75
 and hence it should be able 
to bind uranium to form a complex which would lead to increased solubility of the uranium 
ion and hence the observation of some redox reactions of the uranium-gluconate complex. 
This will be discussed further in Chapter 7 in the cyclic voltammetry experiments using α-ISA 
because gluconic acid is typically used as an experimental analogue of α-ISA and the results 
will be compared to confirm the results’ interpretations. 
 
 
 
 
 
 
 
 
 
 
 
230 
 
Table 6.3: Table of redox peak potentials across the pH range for the analysis of 1.4 mmol 
dm
-3 
uranyl nitrate in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
and 0.1 mol dm
-3 
gluconic acid obtained at a scan rate of 0.1 V/s. 
pH Reduction Peak Potential (V) Oxidation Peak Potential (V) 
 First Reduction Peak Second Reduction Peak  
1.66 -0.459 to -0.494 - 0.142 to 0.173 
2.17 -0.446 to -0.495 - 0.0784 to 0.128 
3.31 -0.289 to -0.349 -1.447 to -1.451 -0.164 to -0.208 
4.46 -0.614 to -0.782 -1.403 to -1.443 - 
7.70 - - - 
8.43 - - - 
9.36 - - - 
10.86 - - - 
11.57 - - - 
12.36 - - - 
12.81 - - - 
13.14 - - - 
13.24 - - - 
Note: The terms ‘first’ and ‘second’ for the reduction peak potentials are used as defined in 
Fig. 6.7. 
 
 
 
Table 6.4: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) and 0.1 mol dm
-3 
gluconic 
acid obtained at a scan rate of 0.1 V/s. 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.66, 2.17 U(VI) to U(V) U(V) to U(VI) 
3.31 U(VI) to U(V) to U(IV) U(IV) to U(VI) 
4.46 U(VI) to U(V) to U(IV) No Peak 
7.70, 8.43, 9.36, 10.86, 11.57,  
12.36, 12.81, 13.14, 13.24 No Peak No Peak 
 
 
6.4 SUMMARY 
This chapter summarises the results obtained for the cyclic voltammetry experiments of 
uranyl nitrate with the addition of gluconic acid in two different experimental conditions which 
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are uranyl nitrate in the presence of excess sodium carbonate at a concentration of 0.2 mol 
dm
-3
 and uranyl nitrate in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm). In each experimental condition, the cyclic voltammetry results were compared in both 
the gluconic acid and non-gluconic acid containing systems in terms of peak potentials and 
the shape of the cyclic voltammograms, i.e. the number of redox waves and its reversibility. 
 
In the presence of excess sodium carbonate and gluconic acid at low pH values where these 
acidic solutions were made by the addition of HCl, a set of quasi-reversible redox waves 
corresponding to the reduction of U(VI) to U(V) and its re-oxidation back to U(VI) was 
observed. Both the reduction and oxidation waves occurred at similar peak potentials 
coinciding with those obtained in the absence of gluconic acid. This indicated that the 
gluconate ion has no effect at low pH and behaves like an ordinary carboxylic acid instead of 
a chelator under very acidic conditions, thereby leading to the dominance of the carbonate 
ligand instead. 
 
Above pH 6.6, in both the absence and presence of gluconic acid in excess sodium 
carbonate, the cyclic voltammograms were quasi-reversible and similar in terms of the 
number of redox waves and the shapes of the voltammograms. It can therefore be 
concluded that the addition of gluconic acid  to the uranium redox system under neutral to 
alkaline conditions did not affect the redox behaviour of uranium in aqueous solution 
because there was no significant difference between the voltammetry results obtained in the 
absence and presence of gluconic acid in excess sodium carbonate and at similar pH 
values. The main reason could most probably be again attributed to the fact that the 
carbonate ligand (an inorganic ligand) was the dominating ligand in the neutral to alkaline pH 
range, since the addition of a second ligand did not affect the redox behaviour of aqueous 
uranium significantly. 
 
Cyclic voltammetry experiments of uranyl nitrate in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5 
atm) and gluconic acid produced very little data with redox peaks 
observed at low pH conditions of up to ca. pH 4.5 only. This will be discussed further in the 
next chapter (Chapter 7) in the cyclic voltammetry experiments using α-ISA to attempt to 
explain this phenomenon because gluconic acid is typically used as an experimental 
analogue of α-ISA and the results will be compared for any similarities and/or differences.  
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CHAPTER 7: EFFECTS OF α-ISOSACCHARINIC ACID ON THE REDOX BEHAVIOUR OF 
URANIUM IN AQUEOUS SOLUTION 
 
7.1 CHAPTER OUTLINE 
 
This chapter describes the effects of the α-isosaccharinic acid (α-ISA) ligand on the 
oxidation-reduction behaviour of uranium in aqueous solution. Experiments were carried out 
using uranyl nitrate and the α-ISA ligand in the presence and absence of excess sodium 
carbonate at a concentration of 0.2 mol dm
-3
 in aqueous solution. The work done without the 
addition of excess sodium carbonate was assumed to be carried out under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions. Work was not done in completely 
carbonate-free conditions as this was considered inappropriate for replicating environmental 
or likely GDF conditions, especially at high pH.  
 
ISA (CH2OHCHOHCH2COH(CH2OH)COOH), 2-C-(hydroxymethyl)-3-deoxy-D-pentanoic 
acid, is a major product of cellulose degradation
109
 formed by the decyclisation of a cellulose 
molecule at high pH and usually at ambient temperature as shown in Fig. 7.1 below. It may 
therefore be present at significant concentrations in the disposal of nuclear wastes, 
especially the disposal of Low-Level Wastes (LLW) at a LLWR. In addition to anthropogenic 
organic materials like EDTA described in Chapter 5, natural polyhydroxylated carboxylic 
acids like α-ISA are also present in a potential Geological Disposal Facility (GDF) formed by 
the anaerobic and alkaline degradation of cellulose found in soil and waste materials.  
 
 
Figure 7.1: Formation of α-ISA from the decyclisation of a cellulose molecule at high pH 
values. (Figure reprinted from Sutton, 1999.)
35
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Relatively little work has been undertaken on the effects of the α-ISA ligand on the solubility, 
sorption and complexation of uranium. However, Ilett et al.
139
 have shown that the α-ISA 
ligand increased the solubilities of both U(VI) and U(IV) at high pH and decreased the 
sorption of uranium onto cementitious materials. This would be useful in uranium work at 
high pH values where the solubility of uranium is very low, leading to low concentrations of 
dissolved uranium in solution. Sutton
35
 also reported that the concentration of U(VI) in 
solution increased with increasing concentrations of the α-ISA ligand. Information regarding 
the complexation between the α-ISA ligand and metal ions was limited with most being 
found in the literature concerning radioactive waste disposal.
85, 86 A few authors
81, 94
 have 
investigated the possibility of the α-ISA ligand complexing with metal cations such as Th(IV), 
U(IV), Np(IV) and Pu(IV) to form species with much higher solubilities than the uncomplexed 
metal.  
 
Recent work by Getahun
140
 has suggested that the α-ISA ligand behaves fairly similarly to 
that of saccharinates and gluconates in their complexation with metal ions. Work in this 
chapter will therefore be compared with Chapter 6 which discussed the complexation of 
gluconic acid with uranium in aqueous solution.  Gluconic acid is commonly used as an 
analogue of α-ISA because the former is commercially available while the latter requires ‘in-
house’ synthesis and due to the structural similarities between gluconic acid and α-ISA. 
However, there has been no systematic study of the interactions of the two ligands to show 
that their effects are actually analogous. 
 
Literature formation constants for uranium (VI)-ISA complexes at high pH values are not 
available at present but it was predicted that the uranyl-gluconate complexes would have 
similar formation constants to those of uranyl-ISA complexes.
140
 There are no reliable 
thermodynamic data available for aqueous complexes and solid phases involving the α-ISA 
ligand.
77, 78, 93
 There is also virtually no information on the uranium (IV)-ISA system although 
some authors have reported
77, 78
 that the α-ISA ligand formed strong complexes with 
actinides in the IV oxidation state, i.e. tetravalent actinides, in the acidic and basic pH 
regions.  
 
The complexation of metal ions by the α-ISA ligand could involve the carboxyl group, the 
hydroxyl group or a combination of both groups. At higher pH values, the hydroxyl groups 
are more important than the carboxyl group due to their greater abundance and the complex 
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formed depended on the number of hydroxyl groups as well as their positions in the chain.
83
 
The α-ISA ligand has two conformations (see Fig. 7.2 below) which are pH dependent, with 
the isosaccharinate form, ISA
-
, dominating at higher pH and the lactone form, ISAL, 
dominating at lower pH. Since ISA
-
 is the dominating form from the perspective of an alkaline 
waste repository, it is probable that one or more hydrogens of the hydroxyl groups are 
involved in complexation reactions.
70, 71
  
 
 
 
Figure 7.2: Structural formulae of isosaccharino-1,4-lactone, C6H10O5 (ISAL) (left) and 
isosaccharinic acid, C6H12O6 (HISA) (right). (Figure reprinted from S. Ekberg, C. Ekberg and 
Y. Albinsson, 2004.)
70, 71
 
 
 
However, according to Bryan et al.
129
 the carboxylate group takes part in the complexation 
processes of both the gluconate and α-ISA ligands. The authors studied this situation 
computationally and discovered strong similarities between the analogous uranyl-α-
isosaccharinate and uranyl-gluconate complexes in terms of structure, bonding, coordination 
geometry and electronic excitations. Comparison of the calculated ΔG data for the uranyl-α-
isosaccharinate fractions for the two ligands suggested typical differences of ca. 10-15 
kJ/mol. This translated to differences in equilibrium constants of up to 2 log units. It was 
therefore certain that ᴅ-gluconate could be used as an experimental mimic of α-
isosaccharinate in U(VI) chemistry if the targets of such experiments would be properties 
relying on thermodynamic data only. Experiments in this study however did not focus on 
thermodynamic properties. 
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The results presented below came from four sets of experimental conditions which were: 
      i)       3 mmol dm
-3 uranyl nitrate in excess sodium carbonate  
      ii)      3 mmol dm
-3 uranyl nitrate and 0.003 mol dm
-3
 α-ISA in excess sodium carbonate 
      iii)     1.4 mmol dm
-3 uranyl nitrate in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5  
                     atm) 
      iv)     1.4 mmol dm-3 uranyl nitrate and 0.003 mol dm
-3
 α-ISA in atmosphere-equilibrated 
               carbonate (Pco2 = 10
-3.5 atm) 
 
A comparison between experimental results obtained under conditions (i) with (ii) and 
conditions (iii) with (iv) are detailed to observe the effects of the organic ligand 
isosaccharinate and competition between isosaccharinate and the inorganic ligand, 
carbonate, in both excess carbonate and atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) conditions. In addition, the results obtained under each experimental condition will also 
be compared and contrasted with the results obtained using gluconic acid under similar 
conditions. The main reason is to confirm the suitability of gluconic acid as an experimental 
analogue ligand of α-ISA. 
 
 
7.2 EXPERIMENTS IN THE PRESENCE OF EXCESS SODIUM CARBONATE AND α-
ISOSACCHARINIC ACID (α-ISA) 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of 0.003 mol dm
-3
 α-ISA and excess 
sodium carbonate at a concentration of 0.2 mol dm
-3
 and how both the reduction and 
oxidation peak potentials vary with changes in pH values. The variation in peak potential 
values is important to deduce and predict the behaviour of uranium at a particular pH value 
as well as determine the effects of the α-ISA ligand. It also determines whether data 
obtained under particular pH conditions would be applicable across the pH range, i.e. 
whether the data could be extrapolated. It is essential to note that the alkaline sodium 
carbonate solutions were adjusted to the required pH values in the acidic range using 1-5 % 
of HCl. 
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7.2.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Excess Sodium 
Carbonate and α-Isosaccharinic Acid (α-ISA) 
 
The uranium stock solution was prepared as described in Section 2.2.6. Excess 
sodium carbonate was added to the solution to observe its complexation effects with 
uranium in its different oxidation states in addition to competition effects between the 
carbonate and isosaccharinate ligands in terms of uranium complexation behaviour. Working 
solutions containing both excess sodium carbonate and 0.003 mol dm
-3 of the α-ISA ligand 
were also prepared, where the α-ISA ligand was synthesised as described in Section 2.3.3 
because it is not commercially available. The synthesised salt was sodium ISA (NaISA) 
which crystallises with water molecules in a 1:1 ratio to produce NaC6H11O6.H2O. The results 
are presented in Fig. 7.3 for the reduction peak potentials and Fig. 7.4 for the oxidation peak 
potentials below. These plots were used to observe the variation in peak potentials with 
changes in pH in order to understand the redox behaviour of uranium in the presence of α-
ISA and excess sodium carbonate in aqueous solution across the pH range. 
 
 
Figure 7.3: Reduction peak potential data as a function of pH in the presence of 0.2 mol dm
-
3
 sodium carbonate and 0.003 mol dm
-3
 α-ISA obtained at a scan rate of 0.1 V/s. (Note: The 
error bars were estimated from the difference between the minimum and maximum peak 
potentials for each redox peak.) 
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Figure 7.4: Oxidation peak potential data as a function of pH in the presence of 0.2 mol dm
-3
  
sodium carbonate and 0.003 mol dm
-3
 α-ISA obtained at a scan rate of 0.1 V/s. (Note: The 
error bars were estimated from the difference between the minimum and maximum peak 
potentials for each redox peak.) 
 
 
 
From Fig. 7.3, the reduction peak potentials represented two different redox 
behaviours of uranium in aqueous solution depending on the pH conditions. Under very 
acidic conditions, i.e. ca. pH 1.2 to pH 2.1, aqueous uranium was reduced from U(VI) to U(V) 
and subsequently U(IV). On the other hand, under neutral to alkaline conditions, around ca. 
pH 5.9 to pH 12.9, U(VI) was reduced directly to U(IV) without going through the U(V) 
transition state. The reduction peak potentials were fairly constant under both pH conditions. 
Typical cyclic voltammograms obtained under both acidic conditions and neutral to alkaline 
conditions are shown in Figs. 7.5 and 7.6 respectively. 
 
Comparing the results obtained using the α-ISA ligand with those obtained using the 
gluconate ligand, some differences were observed especially at low pH values. Referring to 
Fig. 6.2, under acidic conditions of ca. pH 1.0 to pH 4.0, in the presence of the gluconate 
ligand, U(VI) was reduced to U(V) only with decreasing peak potential values while in the 
presence of the isosaccharinate ion (Fig. 7.3), U(IV) was formed. This was an indication that 
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gluconic acid should not be used as an experimental analogue of the α-ISA ligand under 
acidic conditions in particular, since the results obtained using both ligands showed obvious 
differences in terms of the reduction behaviour of uranium in aqueous solution.  
 
However, under neutral to alkaline conditions of ca. pH 5.4 to pH 12.0, in the 
presence of the gluconate ligand, U(VI) was reduced to U(IV) directly without going through 
the U(V) transition state as well at fairly constant peak potentials of ca. -1.20 to -1.40 V, 
similar to the results obtained using the α-ISA ligand as presented in Fig. 7.3, although the 
reduction peak potentials for the latter were slightly more varied at around ca. -1.00 V to -
1.40 V. It would therefore be possible to use gluconic acid as an experimental analogue of 
the α-ISA ligand near and above neutral pH values. 
 
In addition, when comparing the results obtained using the α-ISA ligand with those 
obtained using the EDTA ligand (see Fig. 5.1), both ligands behaved similarly across the pH 
range, where in the presence of the EDTA ligand, U(VI) was reduced to U(V) and then U(IV) 
under acidic conditions up to ca. pH 5.0 while U(VI) was reduced directly to U(IV) above ca. 
pH 5.0 up to ca. pH 13.0. The main slight difference was that the reduction peak potentials of 
U(VI) being reduced to U(V) were moving in the negative direction with increasing pH values 
up to ca. pH 5.0 in the presence of EDTA but remained constant for the same redox reaction 
in the presence of the α-ISA ligand. 
 
Turning to the reverse sweep of the cycle, from Fig 7.4, under acidic conditions, U(V) 
was re-oxidised to U(VI) while under neutral to alkaline conditions, U(IV) was re-oxidised to 
U(VI). Both re-oxidation reactions produced fairly constant oxidation peak potentials but at 
different peak potential values. The reverse sweep produced results similar to those 
obtained using the gluconate ligand as shown in Fig. 6.3. They differ from the results 
obtained using the EDTA ligand however, as no re-oxidation processes occurred under 
acidic conditions due to the formation of the stable U(IV)-EDTA complex. Under neutral to 
alkaline conditions of ca. pH 7.0 to 13.0, in the presence of EDTA, U(IV) was re-oxidised to 
U(VI) with fairly constant oxidation peak potentials. 
 
240 
 
 
Figure 7.5: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of ligands 
obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.5 V at ca. pH 2.3. (Note: No ligand present indicated that only the carbonate 
ion was present with no other competing ligand.) 
 
 
 
From Fig. 7.5 above, comparing the voltammograms obtained using three different 
ligands, i.e. the α-ISA ligand, the gluconate ligand and the carbonate ligand, it could be seen 
clearly that the redox behaviour of aqueous uranium in the presence of the α-ISA ligand 
actually resembled more towards the carbonate ligand than the gluconate ligand. The only 
main difference between the results obtained using the α-ISA ligand (blue voltammogram) 
compared to the carbonate ligand (green voltammogram) was that U(VI) was not reduced to 
U(III) but to U(IV) only, leading to one less reduction wave at ca. -1.3 V. The reduction of 
U(VI) to U(V) and subsequently to U(IV) occurred at similar reduction peak potentials for 
both the α-ISA and the carbonate ligands. The same was found for the oxidation peak 
potentials where U(V) was re-oxidised to U(VI) and the peak shape was similar as well. The 
uranium redox system in the presence of the α-ISA ligand was quasi-reversible. 
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This was vital evidence where the gluconate ligand should not be used as an 
analogue of the α-ISA ligand under acidic conditions, where in the presence of the gluconate 
ligand (red voltammogram), U(VI) was reduced to U(V) only and there was a small re-
oxidation inflection corresponding to the re-oxidation of U(V) to U(VI). Both the reduction and 
oxidation waves occurred at peak potentials which differed more significantly to those 
obtained using the α-ISA and the carbonate ligands. The voltammogram of uranium and the 
gluconate ligand showing the reduction wave of U(VI) to U(V) could be seen in more detail in 
Fig. 7.7 while the re-oxidation reaction to U(VI) was merely an inflection. 
 
 
 
 
Figure 7.6: Cyclic voltammograms of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the absence and presence of ligands 
obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s at ca. pH 8.9. 
(Note: No ligand present indicated that only the carbonate ion was present with no other 
competing ligand.) 
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Figure 7.7: Cyclic voltammogram of 3 mmol dm
-3
 uranyl nitrate in 0.2 mol dm
-3 sodium 
carbonate and 0.8 mol dm
-3 sodium chloride in the presence of 0.1 mol dm
-3
 gluconic acid 
obtained using a glassy carbon working electrode at a scan rate of 0.1 V/s and initial 
potential of +0.5 V at pH 2.42.  
 
 
 
From Fig. 7.6, it was apparent that the cyclic voltammograms obtained under alkaline 
conditions around ca. pH 8.9 were quasi-reversible and quite similar in the peak shape, 
reduction and oxidation peak potentials using three different complexing agents, i.e. the α-
ISA ligand, the gluconate ligand and the carbonate ligand. The reduction waves of U(VI) to 
U(IV) were observed at a peak potential range of ca. -1.0 to -1.3 V while the oxidation waves 
of U(IV) being re-oxidised to U(VI) were observed in at a peak potential range of ca. 0 to -0.4 
V. Gluconic acid could therefore be considered for use as an experimental analogue for the 
α-ISA ligand under near-neutral through to hyperalkaline conditions. 
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The complete set of cyclic voltammograms obtained in excess sodium carbonate 
using the three different ligands across the pH range is given in Appendix X. Referring to 
Appendix X, aqueous uranium redox behaviour similar to the ones shown in Fig. 7.6 was 
observed at pH values of ca. 9.0 to pH 12.5. Referring to Fig. 5.4, the same could be 
concluded for the cyclic voltammogram obtained in the presence of EDTA under alkaline 
conditions of ca. pH 11.3, i.e. similar peak shape, redox behaviour and redox peak potentials 
as those obtained using the other three ligands.  
 
It could therefore be concluded again that the addition of α-ISA (an organic acid), 
gluconic acid (an organic acid) and EDTA (an anthropogenic organic ligand) to the uranium 
redox system under neutral to alkaline conditions did not change the redox behaviour of 
aqueous uranium because there was no significant difference between the voltammetry 
results obtained using the different ligands under virtually the same experimental conditions 
in excess sodium carbonate at a concentration of 0.2 mol dm
-3
. The main reason could be 
attributed to the fact that the carbonate ligand (an inorganic ligand) was the dominating 
ligand in the neutral to alkaline pH range, since the addition of a second different ligand did 
not affect the complexation behaviour of uranium in solution significantly. This phenomenon 
could also be attributed to the fact that the carbonate ligand exists as free ions while other 
organic acid ligands exist as more complex molecules, where complexation with these 
organic acids may require the fulfilment of steric requirements as an example. Complexation 
of uranium with carbonate in aqueous solution is less complicated and therefore favoured. 
 
The redox peak potentials for the formation of each uranium redox state when the α-
ISA ligand was present in excess sodium carbonate conditions at a concentration of 0.2 mol 
dm
-3
 are presented in Table 7.1 while a summary of the redox behaviour of uranyl nitrate in 
the presence of the α-ISA ligand and in a large excess of sodium carbonate is given in Table 
7.2. 
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Table 7.1: Table of redox peak potentials across the pH range for the analysis of 3 mmol 
dm
-3 
uranyl nitrate in excess sodium carbonate at a concentration of 0.2 mol dm
-3
 and 0.003 
mol dm
-3
 α-ISA obtained at a scan rate of 0.1 V/s.  
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Peak Second Peak  
1.24 -0.161 to -0.177 -1.111 to -1.118 0.333 to 0.399 
2.12 -0.154 to -0.174 -1.048 to -1.066 0.333 to 0.372 
5.85 - -1.266 to -1.297 0.181 to 0.207 
7.13 - -1.141 to -1.170 -0.469 to -0.514 
8.93 - -1.016 to -1.048 -0.379 to -0.433 
10.83 - -0.948 to -0.969 -0.422 to -0.488 
11.08 - -0.982 to -1.013 -0.389 to -0.429 
12.43 - -0.969 to -1.006 -0.418 to -0.448 
12.89 - -1.152 to -1.210 -0.509 to -0.572 
Note: The terms ‘first’, ‘second’ and ‘third’ for the reduction peak potentials are used as 
defined in Fig. 7.2. 
 
 
Table 7.2: Measured data of the redox peaks from the cyclic voltammograms in the 
presence of excess sodium carbonate at a concentration of 0.2 mol dm
-3
 and 0.003 mol dm
-3
  
α-ISA obtained at a scan rate of 0.1 V/s.  
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.24 
2.12 
U(VI) to UV) to 
U(IV) U(V) to U(VI) 
5.85 U(VI) to U(IV) U(V) to U(VI) 
7.13 
8.93 
10.83 
11.08 
12.43 
12.89 
U(VI) to U(IV) U(IV) to U(VI) 
 
From Table 7.2 and Fig. 7.4, there appeared to be an unexplainable result at pH 5.85 
where the reduction of aqueous uranium was of U(VI) to U(IV) but the re-oxidation process 
which should have been of U(IV) to U(VI) occurred at peak potentials similar to the re-
oxidation of U(V) to U(IV) instead, i.e. similar to the re-oxidation processes at pH 1.24 and 
pH 2.12 at positive oxidation peak potentials instead of negative peak potentials for the re-
oxidation of U(IV) to U(VI). This could perhaps be seen as the transition pH value where the 
redox behaviour of uranium in aqueous solution changed. 
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7.3 EXPERIMENTS IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED 
CARBONATE (Pco2 = 10
-3.5
 atm) AND α-ISOSACCHARINIC ACID (α-ISA) 
 
 
The following experiments describe the changes in the redox behaviour of uranium in 
aqueous solution across the pH range in the presence of α-ISA under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions and how both the reduction and 
oxidation peak potentials vary with changes in pH values. The variation in peak potential 
values is important to deduce and predict the behaviour of uranium at a particular pH value 
as well as determine the effects of the α-ISA ligand. It also determines whether data 
obtained under particular pH conditions would be applicable across the pH range, i.e. 
whether the data could be extrapolated. 
 
 
7.3.1 Cyclic Voltammetry of Uranyl Nitrate in the Presence of Atmosphere-Equilibrated 
Carbonate (Pco2 = 10
-3.5 atm) and α-Isosaccharinic Acid (α-ISA) 
 
 
The uranium stock solution was prepared as described in Section 2.2.6. The uranium 
stock solution made did not contain any additional sodium carbonate and so the solution was 
strictly influenced by atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) only. Working 
solutions containing 0.003 mol dm
-3 α-ISA were also prepared under the same experimental 
conditions. This concentration of α-ISA ligand was chosen because it is the maximum 
amount of α-ISA that would be soluble in aqueous solution. 
 
Experiments were not carried out in completely carbonate-free conditions but were 
carried out under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions instead 
because of the impractical nature of having completely carbonate-free conditions, especially 
at high pH. The results obtained under these experimental conditions were compared with 
those obtained in excess sodium carbonate conditions and also with those obtained using 
gluconic acid in Chapter 6 under similar experimental conditions. The cyclic voltammetry 
results of uranyl nitrate and α-ISA ligand obtained under atmosphere-equilibrated carbonate 
(Pco2 = 10
-3.5
 atm) conditions are presented in Fig. 7.8 for the reduction peak potentials and 
Fig. 7.9 for the oxidation peak potentials. 
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Figure 7.8: Reduction peak potential data as a function of pH in the presence of 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) and 0.003 mol dm
-3
 α-ISA obtained at 
a scan rate of 0.1 V/s. (Note: The error bars were estimated from the difference between the 
minimum and maximum peak potentials for each redox peak.) 
 
 
Figure 7.9: Oxidation peak potential data as a function of pH in the presence of atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) and 0.003 mol dm
-3
 α-ISA obtained at a scan rate 
of 0.1 V/s. (Note: The error bars were estimated from the difference between the minimum 
and maximum peak potentials for each redox peak.) 
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From Fig. 7.8, the reduction behaviour of aqueous uranium could again be divided 
into two categories like the results in Section 7.3. Under acidic conditions of ca. pH 1.3 to pH 
2.2, U(VI) was reduced to U(V), then to U(IV) and finally to U(III) with constant reduction 
peak potentials while under near-neutral, neutral and alkaline conditions, U(VI) was reduced 
to U(IV) directly without going through the U(V) transition state with constant reduction peak 
potentials as well. No peak potentials data were obtained above ca. pH 9.0. Ilett et al.
139
 
have shown that the α-ISA ligand increased the solubility of U(VI) at high pH values. This 
was however not reflected in the results obtained in Fig. 7.8 because no redox data were 
obtained under hyperalkaline conditions as uranium had started to form a precipitate and 
hence there was insufficient uranium present in aqueous solution to be able to observe any 
redox reaction. This once again proved the fundamental importance of having excess 
carbonate in solution to be able to observe uranium redox reactions at very high pH values. 
 
The reduction behaviours of aqueous uranium at low pH values in the presence of 
the α-ISA ligand under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions 
resembled the ones obtained under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
conditions only with no additional ligand shown in Fig 4.8. There were some differences 
however, where the reduction of U(VI) to U(IV) directly in the presence of the α-ISA ligand 
around ca. pH 5.5 to pH 8.4 produced constant reduction peak potentials in the negative 
range in contrast to increasingly negative reduction peak potentials when the α-ISA ligand 
was absent under similar experimental conditions. The increasingly negative reduction peak 
potentials were obeying the ‘theoretical slope of 59 mV per decade’ as shown in Fig 4.9. The 
other difference was that there were actually uranium redox reactions occurring across the 
pH range through to the hyperalkaline range in the latter up to ca. pH 13.3. 
 
This phenomenon was particularly surprising and unexpected since the presence of 
the α-ISA ligand was supposed to increase the solubility of U(VI). The results obtained 
confirmed otherwise where in the presence of the α-ISA ligand, there were no redox 
reactions at very high pH values but in the absence of the α-ISA ligand, U(VI) was being 
reduced to U(IV) up to ca. pH 13.3. This has turned out to be very complicated to interpret at 
present. A definite conclusion would however be that gluconic acid was definitely not 
suitable for use as an experimental analogue of α-ISA under certain experimental conditions 
such as in the acidic pH range in excess carbonate and across the pH range in atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions. The reason was in atmosphere-
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equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions, there was actually no data, i.e. no 
uranium redox reactions, obtained above ca. pH 4.5 with gluconic acid, which would have 
limited any experimental work in reality, whereas in the presence of the α-ISA ligand, 
uranium redox reactions were observed up to ca. pH 9.0. 
 
When comparing the reduction peak potentials obtained in the presence of gluconic 
acid under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions (see Fig 6.7) 
with the data obtained in the presence of the α-ISA ligand under similar conditions (see Fig 
7.8), there was no data at all for the former above ca. pH 4.5, i.e. no uranium reduction 
reactions in aqueous solution occurring, while in the latter, reductions were taking place up 
till around ca. pH 9.0. The same was observed for the oxidation peak potentials. 
 
Turning to the reverse sweep of the cycle as shown in Fig 7.9, the re-oxidation 
processes could be divided into two categories as well. Under acidic conditions, U(V) was 
re-oxidised to U(VI) at positive peak potentials while at near-neutral pH values and above, 
U(IV) was re-oxidised to U(VI) since U(V) was not formed in the reduction reaction 
previously at negative peak potentials. Comparing these results with those obtained under 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions only with no additional 
ligand present as displayed in Fig. 4.10, similar uranium oxidation behaviours were observed 
again across the pH range in aqueous solution.  
 
There is one main difference however similar to those of the reduction peak 
potentials detailed previously in terms of the trend of the oxidation peak potentials, where the 
peak potentials remained constant in the presence of the α-ISA ligand while moving 
increasingly negative and obeying the ‘theoretical slope of 59 mV per decade’ in the 
absence of the α-ISA ligand under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) 
conditions. Typical cyclic voltammograms are displayed in Figs. 7.10, 7.11 and 7.12 
representing the uranium redox behaviour in acidic, neutral and alkaline aqueous solutions 
respectively. 
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Figure 7.10: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of ligands obtained using a glassy carbon working 
electrode at a scan rate of 0.1 V/s and initial potential of +0.5 V at ca. pH 1.6 in the presence 
of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm).  
 
 
 
From Fig. 7.10 above, under very acidic conditions, the blue cyclic voltammogram of 
uranium in the presence of the α-ISA ligand showed similar redox behaviour with the green 
cyclic voltammograms of uranium in the absence of any added ligand under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5 
atm) conditions in aqueous solution. In both cases, U(VI) 
was reduced to U(V) then U(IV) and finally U(III) and the re-oxidation process was of U(V) to 
U(VI). The re-oxidation was definitely of U(V) to U(VI) and not of U(IV) to U(VI) as previously 
detailed in Section 4.5. In addition, according to previous results, the re-oxidation of U(IV) to 
U(VI) would occur at more positive peak potentials than +0.4 V. 
 
It is important to note that even though both cases showed similar redox behaviour, 
the reduction waves and subsequently the reduction peak potentials were different. The 
reduction of U(V) to U(IV) in the absence of the α-ISA ligand (green voltammogram) 
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occurred at more negative peak potentials of ca. -1.4 V in contrast to the same reduction 
reaction in the presence of the α-ISA ligand (blue voltammogram) which occurred at less 
negative peak potentials of ca. -0.6 V. This indicated that in the presence of the α-ligand, 
less energy, i.e. less negative potential, was required to drive the reduction reaction of U(V) 
to U(IV). This could potentially be interpreted as the α-ISA ligand being weakly complexing 
only compared to the carbonate ligand.  
 
In addition, the reduction of U(IV) to U(III) in the presence of the α-ISA ligand (see 
Fig. 7.10) occurred at much higher peak currents than the other two reduction reactions of 
U(VI) to U(V) and U(V) to U(IV). The most probable reason would be that the third reduction 
wave of U(IV) to U(III) was actually a combined reduction wave, i.e. corresponding to the 
reduction reaction of uranium and the reduction reaction of the α-ISA ligand as well. There 
appeared to be reducing groups on the α-ISA ligand and since this occurred under very 
acidic conditions of ca. pH 1.0 to pH 3.0, it would be possible to assume that the lactone 
form of the α-ISA ligand was reduced, which is the predominant form of the ligand at the low 
pH range. 
 
The re-oxidation process in both the blue and green voltammograms appeared at 
fairly similar peak potentials however, which corresponded to the re-oxidation of U(V) to 
U(VI). The green voltammogram could be observed more clearly in Fig. 321 of Appendix XI; 
where Appendix XI provides the complete set of cyclic voltammograms obtained under 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) conditions in the presence and 
absence of organic ligands (gluconic acid and α-ISA) across the pH range.  
 
Similarly, the red voltammogram could be seen more clearly in Fig. 320 of Appendix 
XI, where in the presence of gluconic acid, U(VI) was reduced to U(V) and subsequently re-
oxidised to U(VI) at ca. peak potentials of -0.50 V and +0.13 V respectively. This was again 
proof that the redox behaviour of aqueous uranium in the presence of gluconic acid differed 
with the redox behaviour of aqueous uranium in the presence of the α-ISA ligand and 
gluconic acid should therefore not be used as an analogue of the α-ISA ligand in future 
experiments under acidic conditions. A recent report by Getahun
140
 has suggested that the 
α-ISA ligand behaves fairly similarly to that of gluconates in their complexation with metal 
ions. Based on the results of these experiments, this was true only under near-neutral to 
hyperalkaline conditions in excess sodium carbonate as described in Section 7.2. 
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Figure 7.11: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of ligands obtained using a glassy carbon working 
electrode at a scan rate of 0.1 V/s at ca. pH 7.6 in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5 atm).  
 
 
  
From Fig. 7.11 above, under neutral to weakly alkaline conditions of around ca. pH 
7.6 to pH 8.6 (see Figs. 326 and 328 in Appendix XI for further details), the redox behaviour 
of uranium in aqueous solution was similar (in terms of peak shape, reversibility and redox 
peak potentials) in both the blue and green cyclic voltammograms, i.e. in the presence and 
absence of the α-ISA ligand under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) 
conditions. U(VI) was first reduced to U(IV) around ca. -0.6 to -0.8 V and then re-oxidised to 
U(VI) at around ca. -0.3 to -0.4 V, thereby approaching reversibility.  
 
In the presence of gluconic acid on the other hand (red voltammogram), there was no 
uranium redox reaction. Again, this was an unexpected result as the redox behaviour of 
uranium in the presence of the α-ISA ligand differed with the one obtained in the presence of 
gluconic acid but was similar to the one obtained under atmosphere-equilibrated carbonate 
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(Pco2 = 10
-3.5 atm) conditions only with no added ligand present in aqueous solution. This 
was however firm indication that the α-ISA ligand had no effect on the redox behaviour of 
aqueous uranium above acidic pH values and that gluconic acid should not be used as an 
experimental mimic of the α-ISA ligand.  
 
 
 
Figure 7.12: Cyclic voltammograms of 1.4 mmol dm
-3
 uranyl nitrate in 0.8 mol dm
-3 sodium 
chloride in the absence and presence of ligands obtained using a glassy carbon working 
electrode at a scan rate of 0.1 V/s at ca. pH 10.8 in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5 
atm).  
 
 
 
From Fig. 7.12 above, under alkaline conditions, when no added ligand was present 
(green voltammogram), U(VI) continued to be reduced to U(IV) and re-oxidised to U(VI) in 
the reverse process. On the other hand, no uranium redox reaction was observed in the 
presence of gluconic acid (red voltammogram) and the α-ISA ligand (blue voltammogram) at 
this pH range. This was an important similarity between the results obtained using gluconic 
acid and the α-ISA ligand in terms of aqueous uranium redox behaviour, i.e. no uranium 
redox reaction above ca. pH 9.0, showing that both these ligands were not capable of 
forming strong complexes at high pH values to keep uranium in solution by increasing its 
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solubility for redox reactions to occur. In fact, for gluconic acid (see Figs. 6.7 and 6.8), there 
were no redox reactions at all above ca. pH 4.5. 
 
The redox peak potentials for the formation of each uranium redox state when the α-
ISA ligand was present in aqueous solution in atmosphere-equilibrated carbonate (Pco2 = 10
-
3.5 atm) conditions are presented in Table 7.3 below while a summary of the redox behaviour 
of uranyl nitrate in the presence of the α-ISA ligand and in atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5 
atm) conditions is given in Table 7.4 below. 
 
 
Table 7.3: Table of redox peak potentials across the pH range for the analysis of 1.4 mmol 
dm
-3
 uranyl nitrate in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) and 0.003 mol 
dm
-3 
α-ISA obtained at a scan rate of 0.1 V/s. 
pH Reduction Peak Potential (V) 
 
Oxidation Peak Potential (V) 
 First Peak Second Peak Third Peak  
1.32 -0.206 to -0.254 -0.530 to -0.582 -1.115 to -1.117 0.352 to 0.430 
2.17 -0.168 to -0.192 -0.560 to -0.615 -1.126 to -1.136 0.296 to 0.372 
5.51 - -0.648 to -0.676 - -0.391 to -0.455 
7.35 - -0.607 to -0.647 - -0.398 to -0.454 
8.37 - -0.649 to -0.669 - -0.411 to -0.466 
10.68 - - - - 
11.88 - - - - 
Note: The terms ‘first’, ‘second’ and ‘third’ for the reduction peak potentials are used as 
defined in Fig. 7.7. 
 
 
Table 7.4: Measured data of the redox peaks from the cyclic voltammograms in 
atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) and 0.003 mol dm
-3 
α-ISA obtained at 
a scan rate of 0.1 V/s. 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.32 
2.17 
U(VI) to U(V) to 
U(IV) to U(III) U(V) to U(VI) 
5.51 
7.35 
8.37 
U(VI) to U(IV) U(IV) to U(VI) 
10.68 
11.88 No Peak No Peak 
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7.4. SUMMARY 
 
This chapter summarises the results obtained for the cyclic voltammetry experiments of 
uranyl nitrate with the addition of the α-ISA ligand in two different experimental conditions 
which are uranyl nitrate in the presence of excess sodium carbonate and uranyl nitrate in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm). In each experimental 
condition, the cyclic voltammetry results were compared in both the α-ISA and non- α-ISA 
containing systems in terms of peak potentials and the shape of the cyclic voltammograms, 
i.e. the number of redox waves and its reversibility. The results were also compared and 
contrasted with those obtained using gluconic acid and EDTA under similar experimental 
conditions. 
 
In the presence of excess sodium carbonate and the α-ISA ligand, the reduction peak 
potentials represented two different redox behaviours of uranium in aqueous solution 
depending on the pH conditions. Under very acidic conditions, aqueous uranium was 
reduced from U(VI) to U(V) and subsequently U(IV) while under neutral to alkaline 
conditions, U(VI) was reduced directly to U(IV) without going through the U(V) transition 
state. The reduction peak potentials remained fairly constant under both pH conditions.  
 
On the other hand, in the presence of gluconic acid, the reduction reaction was of U(VI) 
being reduced to U(V) only and subsequently re-oxidised to U(VI) under acidic conditions up 
to ca. pH 4.0. This was an indication that gluconic acid should not be used as an 
experimental analogue of the α-ISA ligand under acidic conditions in particular, since the 
results obtained using both ligands showed obvious differences in terms of the reduction 
behaviour of uranium in aqueous solution. However, under neutral to alkaline conditions of 
ca. pH 5.0 to pH 13.0, in the presence of the gluconate ligand, U(VI) was reduced to U(IV) 
directly without going through the U(V) transition state as well at fairly constant peak 
potentials of ca. -1.20 to -1.40 V, similar to the results obtained using the α-ISA ligand, 
although the reduction peak potentials for the latter were slightly more varied at around ca. -
1.0 V to -1.40 V. It would therefore be possible to use gluconic acid as an experimental 
analogue of the α-ISA ligand near and above neutral pH values.  
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In the reverse sweep of the cycle in the presence of the α-ISA ligand, under acidic 
conditions, U(V) was re-oxidised to U(VI) while under neutral to alkaline conditions, U(IV) 
was re-oxidised to U(VI). Both re-oxidation reactions produced fairly constant oxidation peak 
potentials but at different peak potential values, where the former produced positive 
oxidation peak potentials while the latter provided negative oxidation peak potentials. The re-
oxidation processes also produced results similar to those obtained using the gluconate 
ligand, though the oxidation peak potentials were less constant in the latter. 
 
In the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) and the α-ISA 
ligand, the redox behaviour of aqueous uranium could be divided into two categories. Under 
very acidic conditions of ca. pH 1.3 to pH 2.2, U(VI) was reduced to U(V), then to U(IV) and 
finally to U(III) with constant reduction peak potentials while under near-neutral, neutral and 
alkaline conditions, U(VI) was reduced to U(IV) directly without going through the U(V) 
transition state with constant reduction peak potentials as well. No peak potentials data were 
obtained above ca. pH 9.0. This once again proved the fundamental importance of having 
excess carbonate in solution to be able to observe uranium redox reactions at very high pH 
values. 
 
The re-oxidation processes under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 
atm) 
conditions in the presence of the α-ISA ligand could also be divided into two categories. 
Under acidic conditions, U(V) was re-oxidised to U(VI) at positive peak potentials while at 
near-neutral pH values and above, U(IV) was re-oxidised to U(VI) since U(V) was not formed 
in the reduction reaction previously at negative peak potentials. When comparing the redox 
peak potentials (both reduction and oxidation) obtained in the presence of gluconic acid 
under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) conditions with the data 
obtained in the presence of the α-ISA ligand under similar conditions, there was no data at 
all for the former above ca. pH 4.5, i.e. no uranium reduction reactions in aqueous solution 
occurring, while in the latter, reductions were taking place up till around ca. pH 9.0. It could 
therefore be concluded that both these ligands were not capable of forming strong 
complexes at high pH values to keep uranium in solution by increasing its solubility for redox 
reactions to occur, especially when compared to the carbonate ligand. 
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CHAPTER 8: CONCLUSIONS AND FUTURE WORK 
 
 
The main aim of this study was to obtain raw data that could potentially be used for 
modelling. Experiments reported in the literature were mainly carried out under acidic 
conditions and sometimes extrapolated to alkaline conditions. To check the validity of these 
extrapolations, work was carried out across the full pH range using four simple uranium-
ligand systems, i.e. the uranium carbonate, uranium EDTA, uranium gluconate and uranium 
α-ISA systems. This enabled the increase in understanding of each ligand system better 
through the observation and assessment of the redox behaviour of uranium in the presence 
of the different ligands individually. 
 
The work detailed in this thesis has investigated the redox behaviour, solubility, 
speciation and complexation of uranium with different ligands across the full pH range in a 
variety of experimental conditions relevant to nuclear waste disposal in a potential GDF in 
the UK. The technique employed was electroanalytical chemistry or more specifically, cyclic 
voltammetry. The two main experimental conditions used were uranium dissolved in 
solutions containing excess sodium carbonate and uranium solutions under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions. Experiments were not carried out in 
completely carbonate-free conditions but were carried out under atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) conditions instead because of the impractical nature of having 
completely carbonate-free conditions, especially at high pH. 
 
Initially, investigations were carried out to select the most suitable supporting 
electrolyte for subsequent work. Three supporting electrolyte solutions were chosen, 
comprising of aqueous solutions of potassium nitrate, sodium perchlorate and sodium 
chloride, together with measurements also being made in deionised water as the solvent at 
neutral and near-neutral pH values (or as the starting material but adjusted to the required 
pH values using HNO3 or KOH when making acidic or alkaline solutions respectively), 
without the addition of a supporting electrolyte. It was found that sodium chloride was the 
most suitable supporting electrolyte for subsequent work compared to the other two 
supporting electrolyte solutions and deionised water (as the starting material/solvent) 
because sodium chloride gave clearer and more defined redox waves in the acidic pH range, 
as well as the observation of more oxidation states of uranium in the redox processes which 
occurred, including U(V). 
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Deionised water as a starting material/solvent (adjusted to the required pH values to 
make acidic and alkaline solutions using HNO3 or KOH respectively where necessary) did 
not provide sufficient ionic strength for the cyclic voltammetry experiments while nitrate 
reduction which occurred when using potassium nitrate as the supporting electrolyte caused 
interferences to the uranium redox waves in aqueous solution. Sodium perchlorate was also 
not suitable as it provided unclear redox peaks. The reason for this was uncertain as sodium 
perchlorate is a very strong oxidising agent but it may to be too powerful and therefore 
prevented any redox reaction from occurring or insignificant even if there was a reaction. 
The redox behaviour of uranium in aqueous solution was however not affected by the choice 
of supporting electrolyte in hyperalkaline conditions because the results were similar 
regardless of which electrolyte was used. 
 
As noted previously, electrochemical data reported in the literature were mainly 
under acidic conditions where the data was sometimes extrapolated to alkaline conditions. 
Experiments described in this thesis were carried out across the pH range to check the 
validity of these extrapolations. It was subsequently discovered that some data could be 
extrapolated while some could not. This meant that only some data could be modelled under 
certain circumstances. The results from this study has shown that in the uranium EDTA 
system, there was good agreement between the experimental data, i.e. the redox behaviour 
of uranium with the speciation of uranium obtained from CHESS modelling using data in the 
HATCHES database.  
 
Uranium(IV)- and uranium(VI)-EDTA complexes were predominant under acidic to 
neutral conditions up to ca. pH 6.0 to 8.0 depending if excess sodium carbonate was present 
in solution. Above neutral pH values, uranium carbonate complexes started to dominate until 
ca. pH 11.0 to 13.0 in the hyperalkaline range, where uranium hydroxide complexes 
subsequently predominate. This was because at such high pH values, the hydroxide ions 
would be present in abundance. This evidently showed that EDTA played an important role 
in the complexation and redox behaviour of uranium in aqueous solution. The organic ligand, 
EDTA, has affected the uranium redox system in terms of reaction mechanisms, 
thermodynamics and kinetics of the redox reactions although the EDTA ligand might not be 
dominant under certain conditions (especially under alkaline conditions) in terms of 
complexation when compared to the carbonate ligand.  
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As for modelling and extrapolating the experimental data obtained, it is essential to 
note that certain data could be modelled under acidic conditions but not under alkaline 
conditions and vice versa. From the results obtained, there were three main categories in 
which the data could be grouped into. Firstly, when the ‘theoretical slope of 59 mV per 
decade’ was obeyed, as in the uranium reduction and oxidation peak potentials obtained 
under atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions with no other ligand 
present in solution, the reaction mechanism remained constant. There was no change in 
reaction mechanism because the redox peak potentials were moving by a constant 59 mV 
per pH unit, i.e. protons and hydroxide ions were involved in the redox processes. This also 
meant that data obtained under this experimental condition could be extrapolated because 
the thermodynamic data were applicable across the pH range. Therefore, thermodynamic 
data obtained at any pH value for the reduction and oxidation of aqueous uranium were 
applicable across the pH range if carbonate concentrations were low and the 59 mV theory 
applied. This low concentration of carbonate was not affecting the re-oxidation of uranium in 
aqueous solution. 
 
The second situation encountered was that the data obtained did not obey the 
‘theoretical slope of 59 mV per decade.’ The reduction or oxidation peak potentials obtained 
remained constant across the pH range. This was an indication that there was no change in 
the reaction mechanism and there was no involvement of any protons or hydroxide ions 
because the peak potentials were not changing in line with the change in pH values. 
Therefore, thermodynamic data obtained at any pH value were not applicable across the pH 
range. Experimental results which could be grouped into this category included the redox 
peak potentials obtained in excess sodium carbonate conditions with no other ligand 
present, i.e. the reduction peak potentials across the pH range and the oxidation peak 
potentials above ca. pH 5. Comparing these results with those obtained under atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5 atm) conditions which obeyed the ‘theoretical slope of 
59 mV per decade’ as described above, it could therefore be concluded that carbonate had 
a very big effect on the redox behaviour of uranium and this is significant in terms of the 
safety assessments of a GDF.  
 
The third category included results where there were changes in reaction mechanism 
as opposed to constant reaction mechanisms in the two categories mentioned previously. 
Protons and hydroxide ions were involved since the redox peak potentials were changing 
with pH by more than 59 mV per pH unit as demonstrated by the oxidation peak potentials 
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obtained in excess sodium carbonate conditions with no other ligand present at ca. pH < 5.0, 
corresponding to the re-oxidation of U(V) to U(VI). The reduction peak potentials 
corresponding to the reduction of U(VI) to U(V) obtained under mildly acidic to neutral 
conditions at ca. pH 4.0 to pH 7.0 in atmosphere-equilibrated carbonate (Pco2 = 10
-3.5 atm) 
with the presence of EDTA, also showed change in reaction mechanism. The reason for this 
was that the peak potentials were changing with pH but by more than 59 mV per pH unit as 
well. Therefore, thermodynamic data obtained where the reaction mechanism was not 
constant, were not applicable across the pH range. 
 
This research has provided some fundamental data which could be modelled to 
explain the redox behaviour of uranium relevant to nuclear waste disposal, especially in the 
hyperalkaline conditions. However, more work could be carried out to be able to understand 
the complexation behaviour of uranium with the different ligands better such as the metal-
ligand binding ratio and binding constants as well as to deduce any possible reaction 
mechanisms like binding selectivity. As an example, to be able to confirm exactly which 
uranium and/or ligand species was present in solution, solution spectroscopic techniques 
such as Solution Phase NMR Spectroscopy or Ultraviolet-Visible Spectroscopy could be 
employed although the latter technique would not provide much information on the functional 
groups as an example.  
 
In addition, due to the higher detection limits of the cyclic voltammetry technique 
which is in the mmol dm
-3
 range, pulse voltammetric techniques should be considered for 
future work. These techniques should be able to enhance any faradaic currents (to enhance 
the uranium redox peaks if uranium is present in trace amounts or at very low 
concentrations) and subsequently, optimise the measurement of the faradaic currents to the 
capacitive (charging) currents. The basis of all pulse techniques is the rate of the decay of 
the charging and the faradaic currents following a potential step or “pulse”. The final 
measured current will consist solely of the faradaic current, i.e. measuring the currents at the 
end of a potential pulse allows the discrimination between the faradaic and the charging 
currents. The discrimination against the charging current, which is inherent in pulse 
techniques, leads to lower detection limits, which may make this technique more suitable 
than cyclic voltammetry in the analysis of the low concentrations of uranium. 
 
 
 
261 
 
There are several different pulse techniques and differential pulse voltammetry (DPV) 
could be the initial option. In DPV, the potential wave form consists of small pulses (of 
constant amplitude) superimposed upon a staircase wave form as shown in Figure 8.1 
below. The current is sampled twice in each Pulse Period (once before the pulse and once 
at the end of the pulse). The difference between these two current values is recorded and 
displayed. 
 
 
Figure 8.1: A potential wave form for differential pulse voltammetry (DPV). (Figure reprinted 
from Bioanalytical Solutions, Inc., 2011.)
141
  
 
 
The effects of the addition of other ligands/complexing agents/organic acids to the 
uranium redox system could also be investigated. Some examples of these may include 
citric acid, picolinic acid, malonic acid, humic materials and nitrilotriacetic acid (NTA) 
because they are relevant to the geological disposal facility conditions in the UK. Tributyl 
phosphate (TBP) is also among the constituents of the waste stream from extractant 
purification in the Plutonium Uranium Extraction (PUREX) process. In addition, dibutyl 
phosphate (DBP) may be formed by the hydrolysis of TBP during the waste treatment 
process or by the alkaline conditions in cemented waste forms. As these complexing agents 
may decisively influence the release and the migration behaviour of the radionuclides, it 
would therefore be necessary to also investigate the impact of these agents on the release 
of radionuclides in the aqueous solution system. 
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Training Course 2 Days 
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Date and Location Title Training Type Duration 
14
th
 February 2011, 
Loughborough University 
 
Report Writing Training Course ½ Day 
8
th
 – 9
th
 March 2011, 
Loughborough University 
 
The Effective Researcher Training Course 2 Days 
16
th
 March 2011, 
Birmingham 
 
RSC ChemNet Ambassador 
Training 
Training Course ½ Day 
17
th
 March 2011, 
Loughborough University 
 
Asperger Syndrome: 
Awareness 
Training Course ½ Day 
13
th
 May 2011, 
Loughborough University 
 
Conference Presentation 
Skills: Part A 
 
Training Course ½ Day 
25
th
 May 2011, 
Loughborough University 
 
Conference Presentation 
Skills: Part B 
 
Training Course ½ Day 
7
th
 June 2011, 
Loughborough University 
 
CVs and Job Applications: 
Career Management for 
Researchers 
 
Training Course ½ Day 
14
th
 – 17
th
 June 2011, 
Institute of Transuranium 
Elements (ITU), 
Karlsruhe, Germany 
 
6
th
 Actinet Summer School 
on Actinide Science and 
Applications 
 
Summer School 4 Days 
29
th
 June 2011, 
Loughborough University 
 
Networking for Careers Training Course ½ Day 
4
th
 – 6
th
 July 2011, 
University of Stirling, 
Scotland 
30
th 
Coordinating Group on 
Environmental Radioactivity 
(COGER) Open Meeting
 
 
Conference and 
Oral and Poster 
Presentations 
3 Days 
18
th
 July 2011, 
Loughborough University 
 
Reading for Research Training Course ½ Day 
22
nd – 24
th
 August 2011, 
Loughborough University 
 
First Aid at Work Beginner 
Course 
Training Course 3 Days 
5
th
 – 6
th
 September 2011, 
University of Bath 
 
Electrochemistry Horizons 
2011 
Conference and 
Poster 
Presentation 
 
2 Days 
13
th
 October 2011, 
Loughborough University 
 
Radiation Training Training Course ½ Day 
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Date and Location Title Training Type Duration 
18
th
 – 20
th
 October 2011, 
Loughborough University 
Geological Disposal of 
Radioactive Waste NDA 
Conference: Underpinning 
Science and Technology 
 
Conference 
Attendance 
3 Days 
30
th
 November 2011, 
Loughborough University 
 
The Enterprising 
Researcher 
Training Course ½ Day 
9
th
 December 2011, 
Loughborough University 
 
Successful Interviews : 
Career Management for 
Researchers 
 
Training Course ½ Day 
18
th
 January 2012, 
Loughborough University 
 
Exam Invigilator Training Training Course ½ Day 
15
th
 February 2012, 
Loughborough University 
 
Poster Competition Design 
Clinic 
Training Course ½ Day 
6
th
 March 2012, 
Loughborough University 
Holywell Park 
Loughborough University 
Research Conference 2012: 
Research that Matters 
 
Conference, 
Poster 
Presentation and 
Invited Oral 
Presentation 
 
1 Day 
21
st March 2012, 
Loughborough University 
 
School of Science 
Research Day: Science 
Matters 2012 
 
Organising 
Committee and 
Poster 
Presentation 
 
1 Day 
28
th
 – 30
th
 March 2012, 
University of Birmingham 
 
50
th
 Universities Nuclear 
Technology Forum (UNTF) 
 
Conference and 
Oral Presentation 
3 Days 
2
nd
 – 4
th
 April 2012, 
Portsmouth 
 
31
st
 Coordinating Group on 
Environmental Radioactivity 
(COGER) Open Meeting 
 
Conference and 
Oral and Poster 
Presentations  
3 Days 
17
th
 – 18
th
 April 2012, 
Loughborough University 
Holywell Park 
 
Midlands Energy 
Consortium Annual 
Conference: Smart Energy 
Cities Japan/UK 
Perspectives 
 
Conference 
Attendance 
2 Days 
20
th
 April 2012, 
Loughborough University 
 
Monitoring Radiation 
Training 
Training Course ½ Day 
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Date and Location Title Training Type Duration 
24
th
 April 2012, 
Loughborough University 
Chemistry Department 
Research Network 
Meeting 
 
Poster Presentation ½ Day 
13
th
 June 2012, University 
of Nottingham 
 
2
nd
 Royal Society of 
Chemistry (RSC) Younger 
Members’ Symposium 
 
Poster Presentation 1 Day 
17
th
 - 22
nd
 June 2012, 
University of Warwick  
 
United Kingdom Energy 
Research Centre 
(UKERC) 8
th
 Energy 
Summer School 
 
Summer School 
and Poster 
Presentation 
6 Days 
25
th
 June 2012, University 
of Leicester 
RSC Environmental 
Chemistry Group 
Atmospheric and 
Environmental Chemistry 
2012 Forum  
 
Oral Presentation ½ Day 
23
rd - 28
th September 2012, 
Paris, France 
 
Nuclear Plant Chemistry 
2012 Conference & 9
th
 
International Workshop on 
Radiolysis, 
Electrochemistry and 
Materials Performance 
 
Conference + 
Workshop and Oral 
Presentation 
6 ½ Days 
2
nd
 – 3
rd
 October 2012, 
Abingdon 
 
Diamond Light Source 
Electrochemistry 
Workshop 
 
Workshop 2 Days 
5
th
 October 2012, 
Loughborough University 
 
Monitoring Radiation 
Refresher Training 
Training Course 1 Day 
10
th
 October 2012, 
University of Sheffield 
 
Research Frontiers in 
Radioactive Waste 
Management Symposium  
 
Poster Presentation 1 Day 
4
th
 December 2012, 
Loughborough University 
Powder X-ray Diffraction 
Hands-On Training 
 
Training Course 1 Day 
14
th
 December 2012, 
National College, 
Nottingham 
MEGS III Annual 
Christmas Conference  
Poster Presentation 1 Day 
19
th
 December 2012, 
Loughborough University 
 
Writing up your PhD 
Thesis 
Training Course ½ Day 
9
th January 2013, 
Loughborough University 
Exam Invigilator Refresher 
Training 
Training Course ½ Day 
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Date and Location Title Training Type Duration 
28
th January 2013, 
Loughborough University 
Powder X-ray Diffraction 
Theory and Data Analysis 
 
Workshop 1 Day 
12
th
- 13
th
 March 2013, 
Loughborough University 
 
Telephone Campaign 
Assistant Training 
Training Course 2 Days 
3
rd
- 5
th
 April 2013, 
Loughborough University 
 
32
nd
 Coordinating Group 
on Environmental 
Radioactivity (COGER) 
Open Meeting 
 
Conference and 
Oral Presentation 
3 Days 
1
st 
May 2013, 
Loughborough University 
 
School of Science 
Research Day: Science 
Matters 2013 
 
Organising 
Committee and 
Poster Presentation 
 
1 Day 
14
th
 May 2013, 
Loughborough University 
 
Viva – What Happens? Training Course ½ Day 
21
st
 – 24
th
 May 2013, 
Edinburgh 
Energy Young 
Entrepreneurs Scheme 
(Energy YES) 
 
Residential 
Workshop and 
Competition 
4 Days 
8
th
 – 13
th
 September 2013, 
Brighton 
 
Migration 2013: 14th 
International Conference 
on the Chemistry and 
Migration Behaviour of 
Actinides and Fission 
Products in the Geosphere 
 
Conference and 
Poster Presentation 
6 Days 
22
nd
 February 2012 – 
23
rd
 January 2013, 
Loughborough University 
 
Chemistry Department 
Safety Lectures 
Lecture Series 2 ½ Days 
October 2010 - October 
2013, Loughborough 
University 
 
Radiochemistry Group 
Meetings 
Group Meetings 
and Presentations 
Every 
Fortnight 
October 2010 - September 
2013, Loughborough 
University 
 
Progress Meetings with 
PhD Supervisors 
Meetings and 
Presentations 
Monthly 
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ABSTRACT 
 
 
This work is concerned with the redox behaviour of uranium in a potential radioactive Geological 
Disposal Facility (GDF). Uranium is a redox-sensitive element and its chemical properties depend 
considerably on pH and oxidation state (III, IV, V and VI). It is important to understand the redox 
behaviour of uranium to evaluate its mobility in the GDF environment and the consequent security of 
its disposal. The United Kingdom (UK) GDF concept includes cement encapsulation of the waste and 
an alkaline backfill based on mixtures of cement. Currently, the most likely buffer/backfill material is a 
cement-based grout known as the Nirex Reference Vault Backfill (NRVB) material. The safety 
functions of the cement within the near field of a GDF will include the reduction of the solubility of 
many radionuclides, including uranium. The solubility of uranium is known to be high in acidic 
conditions but much lower in alkaline conditions. The low solubility of uranium at high pH therefore 
makes conventional experimental voltammetric techniques difficult to use and challenging to optimise. 
 
The most stable oxidation state of uranium in an oxic environment is U(VI). However, U(IV) may also 
be important under GDF conditions although it is likely to be less mobile and less soluble. 
Electrochemical experiments are needed to determine which uranium species is/are present at a 
particular pH and to model the redox behaviour of uranium in a potential GDF. Consequently, the 
standard electrode potential of the UO2
2+
/U
4+
 redox couple, i.e. U(VI)/U(IV) couple, is an important 
thermodynamic quantity and evaluating this parameter will provide better understanding of the redox 
and migration behaviour of uranium in a GDF. Currently, there is no consensus on an 
electrochemically determined value for this redox couple in the hyperalkaline range. This is similar for 
various other uranium redox couples.  
 
This paper describes the effect of changing pH on the redox behaviour and the reversibility of the 
various uranium redox couples using voltammetric techniques and optimisation of the method. Cyclic 
voltammetry did not produce satisfactory results at the low concentrations of uranium (~10
-5
 mol dm
-
3
). The concentrations of uranium were then increased to the mmol dm
-3
 range and subsequently 
more defined and reproducible voltammetric waves were obtained. Experiments were performed 
using uranyl nitrate across a pH range from pH 1 to 14 in the presence and absence of excess 
Na2CO3. The commercially available glassy carbon working electrode was used to perform the 
experiments because it provided the wide potential window needed in this work with a compromise in 
the kinetics of the reactions. The kinetic effects, mechanisms and thermodynamics of the redox 
reactions were investigated. The effects of the addition of ethylenediaminetetraacetic acid (EDTA) 
were subsequently studied. The electrode potentials of the redox couple in non-ligand and ligand 
systems were compared. The effects of organic complex formation on the redox behaviours of the 
uranium couples were also observed.  
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1. INTRODUCTION 
 
 
Uranium is a redox-sensitive element and its chemical properties depend considerably on pH and 
oxidation state (III, IV, V and VI).1 It is important to understand the redox chemistry of uranium to 
evaluate its behaviour and mobility in a Geological Disposal Facility (GDF) environment, and the 
consequent security of its disposal. The United Kingdom (UK) GDF concept includes cement 
encapsulation of the waste and an alkaline cementitious backfill, which will generate high pH 
conditions ranging from pH 12 to pH 13.5. Currently, the most likely backfill material is a cement-
based grout known as the Nirex Reference Vault Backfill (NRVB) material.2, 3 Cement mineral phases 
will buffer the pH at about 12-12.5 for ca. 10
5 years. However, the eventual corrosion of the stainless 
steel canisters or metal containers used for waste disposal will lead to reducing conditions and 
promote a low Eh environment.
2  
 
The safety functions of the cement within the near field of a GDF will include the reduction of the 
solubility of many radionuclides including uranium, and the retardation of migration of radionuclides by 
sorption and incorporation.3 The near-field of a nuclear waste repository is the excavated area of a 
repository near to, or in contact with, the waste packages, including the filling and sealing materials 
and those parts of the host rock whose characteristics may have been or could be altered by the 
repository or its contents.4 The solubility of uranium is known to be high in acidic conditions but much 
lower in alkaline conditions. The low solubility of uranium at high pH therefore makes voltammetric 
techniques challenging to optimise. Experimental conditions are necessarily different from natural 
ones. The ionic strength used in these electrochemical experiments was much higher than in deep 
groundwaters, where the temperature was also higher than 25 
o
C.5  
 
One of the primary aims of the current project is to optimise the cyclic voltammetry method to 
understand the redox behaviour of uranium in the near-field of a GDF better. The objective is to 
deduce the standard electrode potentials of the various uranium redox couples in various aqueous 
solutions across the pH range, at different carbonate concentrations and in the presence of some 
waste-relevant anthropogenic organics. The standard electrode potential of a uranium redox couple is 
an important thermodynamic quantity as this parameter will aid better understanding of the redox 
behaviour and consequently, the migration behaviour of uranium in a GDF.6, 7 
 
The emf generated across a pH glass electrode depends in a linear fashion on the pH of the analyte 
solution, provided that the internal pH (pH of the inner chloride solution in the bulb of the pH glass 
electrode) does not alter, which is the main reason a pH glass electrode is buffered.8 This aspect of 
the chemistry utilises the following formula: 
 
                    emf = K +( 2.303 RT / F) * pH (where 2.303 RT / F = 0.059)                                           (1) 
 
It could be calculated from the above equation that the emf of a pH electrode should move by 59 mV 
per pH unit. This phenomenon is commonly described as the electrode having a slope of 59 mV per 
decade.8 This can be rationalised as a graph of emf (as ‘y’ axis) against [H+] (as ‘x’ axis) having a 
gradient of 59 mV (the ‘slope’). The phrase ‘per decade’ refers to the way that each pH unit 
represents a concentration change of ten times.8 If a pH glass electrode obeys the Nernst equation as 
shown below, its response is described as Nernstian and this rule only applies to reversible redox 
systems. 
 
                                 Eeq = Eo’ + (2.303RT/nF)* log [Ox]/[Red]                                                              (2) 
  
Uranium was chosen for the experiments described below because it is a major component of the UK 
waste inventory originating from the nuclear fuel cycle.9-12 The most stable oxidation state of uranium 
in an oxic environment is U(VI).1 U(IV) is also important under GDF conditions, although it is less 
soluble and hence less mobile. However, mobilisation of uranium in reducing environments could 
occur due to very minor changes in the prevailing conditions, e.g. pH, temperature etc., even if the 
solid phase was predominantly in its reduced form. Experimentally measured redox potentials of 
uranium dioxide (UO2) have shown that although uranium may be maintained in its reduced form in 
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the solid phase, it could also be partially oxidised in the aqueous phase, thereby resulting in increased 
solubilities of uranium.13 Cyclic voltammetry was used in these experiments to determine which 
oxidation states of uranium were present in aqueous solutions from pH 1 to pH 14.  
 
Anthropogenic ligands such as ethylenediaminetetraacetic acid (EDTA) will also be present in the 
UK’s radioactive wastes, due to their use as decontamination agents. Such ligands are often highly 
complexing and may form stable complexes with uranium in different oxidation states. This may result 
in a significant increase in the solubility of uranium, especially in hyperalkaline systems. The strength 
of complexation may also affect the rate of redox reactions.  
 
Carbonate is also a strong complexant for the uranyl ion.14 Carbonate complexation of U(VI) is among 
the most important reactions of uranium under natural conditions.1, 13-21 Carbonate is readily available 
in natural systems such as groundwaters. The principle transport mechanism for the migration of 
radionuclides is by the action of groundwater.1 The experiments described below were carried out 
both in the presence and absence of excess carbonate in aqueous solutions. The effects of carbonate 
complexation may significantly affect the sorption of uranium and may significantly increase its 
solubility by altering the charge and its ions’ composition in solution.1 Carbonate complexation will 
dominate the speciation of the uranyl ion, U(VI), under near-neutral pH conditions in the absence of 
other complexing ligands, provided that there are sufficient carbonate-bicarbonate ions available.1 
 
 
 
2. EXPERIMENTAL  
 
 
2.1. ELECTROCHEMICAL INSTRUMENTATION SETUP 
 
 
Fig. 1 below shows the experimental setup. A VC-2 Voltammetry cell kit was purchased from 
Bioanalytical systems, Inc. (BASi) as a three-electrode configuration was required. The Teflon top 
included a platinum wire counter electrode with a gold connecting pin. The glassy carbon working 
electrode and silver/silver chloride (Ag/AgCl , 3 mol dm
-3
  NaCl) reference electrode were also 
supplied by BASi. These two electrodes were fitted into the remaining two holes in the Teflon top. 
They were positioned in the vial by the use of the O-rings which accompany the electrodes. The 
three-electrode cell was then connected to a VersaStat 4 Potentiostat (Ametek, Princeton Applied 
Research) with the VersaStudio software.  
 
The Ag/AgCl reference electrode was stored in 3 mol dm
-3
 NaCl solution when not in use to keep the 
tip wet at all times. The reference electrode was checked periodically for air bubbles that were 
trapped in the tip as they would interfere with the analyses if present. The 3 mol dm
-3 NaCl solution in 
the storage vial was replaced with fresh solution regularly. Before and after all analyses, the surfaces 
of the two commercial working electrodes were polished to a mirror finish with an alumina slurry by 
mixing MicroPolish II (B) Gamma-alumina Powder (0.05 µm) deagglomerated (Buehler) with some 
deionised water (Ondeo Purite Neptune) on a Ø 200 mm (8”) self-adhesive backed MicroCloth 
(Buehler). The glassy carbon working electrode was immersed in 50:50 concentrated (70 %) nitric 
acid (Sigma-Aldrich)/deionised water, rinsed with deionised water and wiped dry before polishing to 
avoid contaminating the polishing cloth. 
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Fig. 1. The three-electrode configuration electrochemical apparatus used. 
 
 
 
2.2. EXPERIMENTAL – TEST SOLUTION PREPARATION 
 
 
All solutions were made up from deionised water that had been sparged with nitrogen to remove 
oxygen. The background electrolyte was a mixture of 0.8 mol dm
-3
 NaCl and 0.2 mol dm
-3 Na2CO3, 
resulting in an ionic strength of 1.4 mol dm
-3
. The Na2CO3 solution was prepared from analytical 
reagent grade Na2CO3 (AnalaR NORMAPUR
®, VWR International), used directly as supplied. The 
NaCl solution was prepared from NaCl (Fisher Scientific), used directly as supplied. A background 
electrolyte concentration of 1.4 mol dm
-3 was used as an approach to the conditions expected in high 
ionic strength media. Experiments carried out under atmosphere-equilibrated carbonate conditions 
(Pco2 = 10
-3.5
 atm) utilised a background electrolyte that consisted solely of 0.8 mol dm
-3 NaCl.  
 
A 10
-2
 mol dm
-3 uranyl nitrate hexahydrate, UO2(NO3)2.6H2O (Taab Laboratories) stock solution was 
prepared in a 250 mL volumetric flask. It was dissolved using 1 mol dm
-3 HNO3, prepared as supplied 
from concentrated (70 %) HNO3. The solution was subsequently made up to volume using deionised 
water. Sufficient analytical reagent grade Na2CO3 was added to the uranium stock solution until it was 
saturated with carbonate. The stock solution was analysed by Inductively Coupled Plasma-Optical 
Emission Spectrometry (ICP-OES) to determine its concentration. The stock was then used to make 
millimolar uranium working solutions using the background electrolyte mixture. The concentration of 
the uranium working solution containing excess carbonate was 3 mmol dm
-3
 while the one with the 
excess carbonate removed was 0.3 mmol dm
-3
. Removal of the excess carbonate from the working 
solution was achieved by adding sufficient concentrated (37%) hydrochloric acid (Sigma-Aldrich), 
used as supplied, to remove the excess carbonate. Solutions for cyclic voltammetry from about pH 1 
to pH 13.5 were prepared from the 3 mmol dm
-3
 or 0.3 mmol dm
-3
 working solutions by the addition of 
minimal amounts of HCl (1 - 5 % v/v of concentrated HCl) or potassium hydroxide (Fisher Scientific) 
(0.01 - 2 mol dm
-3
) as appropriate. All the working solutions contained virtually the same concentration 
of uranium.  
 
A 0.3 mol dm
-3 EDTA stock solution was prepared using the EDTA Disodium Salt Dihydrate powder, 
C10H14N2Na2O8.2H2O (Fisher Scientific), used as supplied. Test solutions for cyclic voltammetry from 
about pH 1 to pH 13.5 were prepared by mixing the uranium stock solution with the EDTA stock 
solution to give final test solutions containing either 3 mmol dm
-3
 uranium and 0.1 mol dm
-3
 EDTA (for 
Ag/AgCl (3 mol dm-3 NaCl) 
Reference Electrode 
Glassy Carbon 
Working Electrode 
Platinum 
Counter Electrode 
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the solutions containing excess Na2CO3) and 0.3 mmol dm
-3
 uranium and 0.1 mol dm
-3
 EDTA (for the 
solutions where the excess Na2CO3 was removed). Background electrolyte solutions containing 0.1 
mol dm
-3
 EDTA in both excess carbonate-containing and non-excess carbonate-containing matrix 
were also prepared. 
 
 
2.3. EXPERIMENTAL – MEASUREMENTS AND ANALYSIS 
 
 
All experiments were performed at ambient laboratory temperature. Prior to the cyclic voltammetry 
experiments, oxygen was eliminated from the solutions by purging them with oxygen-free nitrogen for 
about 1-2 minutes. The pH of the solutions were monitored by means of a calibrated, Fisher 
combined-glass electrode and measured using a Jenway 3510 pH meter. The redox potentials were 
measured with a glassy carbon working electrode. The measurements were made against the 
Ag/AgCl (3 mol dm
-3 NaCl) reference electrode. The uranium and background solutions were scanned 
negatively (cathodic scan), i.e. from oxidising (positive) electrode potentials to reducing (negative) 
electrode potentials and back. 
 
 
 
3. RESULTS  
 
 
3.1. IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED CARBONATE (Pco2 = 10
-3.5
 atm) 
 
 
The uranium redox system was reversible throughout the pH range under these experimental 
conditions. The cyclic voltammetry results obtained in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) are presented in Table 1 below. 
 
 
 
Table 1: Measured data of the redox peaks from the cyclic voltammograms 
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm). 
 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.40, 2.05 +6 to +5 to +4 to +3 +3 to +6 
3.52 +6 to +4 to +3 +3 to +6 
4.23, 5.14, 6.57, 6.88, 7.01, 8.35, 9.39, 9.98, 10.60, 11.38, 
11.86, 12.36, 12.62, 12.84, 13.18, 13.28 +6 to +4 +4 to +6 
 
 
Up to pH 2.05 (see Fig. 9. below) there were three reduction peaks at each pH where U(VI) was 
reduced to U(V) then U(IV) and finally U(III). There was also a re-oxidation peak at both pHs occurring 
at 0.160 V and 0.128 V for pH 1.40 and pH 2.05 respectively in the presence of atmosphere-
equilibrated carbonate, in comparison with 0.153 V at pH 1.56 and 0.146 V at pH 2.14 for experiments 
done with excess carbonate, see below. This showed that carbonate (i.e. dissolved CO2) had no 
effect under very acidic conditions. At pH 3.52 the peaks associated with the reduction from U(VI) to 
U(V) and then to U(IV), were replaced with one peak, which has been assigned to the reduction of 
U(VI) directly to U(IV) from the potential at which it occurred. 
 
From pH 4.2 and up to pH 13.3 (see Fig. 10. below), there was one set of redox peaks at each 
measured pH. The system remained reversible throughout the pH range, where U(VI) was reduced to 
U(IV) at negative electrode potentials from about -0.40 V to -0.87 V (see Fig. 2 below) and 
subsequently re-oxidised to U(VI), at electrode potentials of 0.16 V to -0.63 V (see Fig. 3 below). 
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From pH 1.4 to pH 3.5, a trend in the reduction electrode potentials could be seen, where the 
potentials were moving in the positive direction and then from pH 3.5 to pH 13.3, a different trend in 
the reduction electrode potentials was observed, where the potentials were moving in the negative 
direction. These two different trends are most likely attributable to the differences in reaction 
mechanisms at very acidic conditions and mildly acidic through near-neutral to hyperalkaline 
conditions. In this set of reversible system experiments, the 59 mV movement per pH unit was 
observed (see Fig. 2 below), where the experimental and the calculated data were a good match. 
This indicated that there was no change in reaction mechanism with change in pH and also that 
protons and/or hydroxide ions were involved in the redox processes. Thus thermodynamic data 
obtained at, for example, pH 4.2 for the reduction of uranyl ions were applicable across the pH range 
if carbonate concentrations were low. This concentration of carbonate was also not affecting the re-
oxidation of uranium. 
 
 
 
Fig. 2. Reduction peak potentials as a function of pH data in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm). 
 
 
 
Turning to the reverse element of the cycle, the oxidation peak potentials also moved in a negative 
direction across the pH range with the electrode potentials recorded starting at about 0.16 V and 
decreasing to -0.63 V as displayed in Fig. 3. below. The experimental and the calculated data were a 
fairly good match as well, showing that the ’59 mV movement per pH unit’ rule was followed in these 
reversible reactions. This again indicated that there was no change in reaction mechanism with 
change in pH and also that protons and/or hydroxide ions were involved in the redox processes. Thus 
thermodynamic data obtained at, for example, pH 1.4 for the oxidation of the reduced uranium were 
applicable across the pH range if carbonate concentrations were low and the 59 mV theory applied. 
This concentration of carbonate was not affecting the re-oxidation of uranium.  
 
 
 
 
U(VI) to U(V) 
U(VI) to U(IV) 
Slope = 59 mV 
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Fig. 3 Oxidation peak potentials as a function of pH data in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm). 
 
 
 
3.2. IN THE PRESENCE OF EXCESS Na2CO3 
 
The uranium redox system was also reversible throughout the pH range with a large excess of 
carbonate. The cyclic voltammetry results obtained in the presence of excess Na2CO3 are shown in 
Table 2 below.  
 
 
Table 2. Measured data of the redox peaks from the cyclic voltammograms in the presence of excess 
Na2CO3. 
 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.56, 2.14 +6 to +5 to +4 to +3 +3 to +6 
3.59, 4.71 +6 to +5 +5 to +6 
5.13, 6.29, 6.80, 7.17, 8.17, 9.26, 10.14,  
10.67, 11.15, 12.01, 12.42, 12.70 +6 to +4 +4 to +6 
 
 
At very acidic pHs, i.e. pH 1 – pH 2, there were three reduction peaks at each pH, where U(VI) was 
reduced to U(V) then U(IV) and finally to U(III), as with atmosphere-equilibrated levels of carbonate. 
During the reduction process, only one redox peak was observed at each pH above pH 3, but a 
reversible system was maintained. The reduction peak potentials remained fairly constant throughout 
the pH range for all the redox steps observed, as displayed in Fig. 4. below. This indicated no 
involvement of protons or hydroxide ions in these steps. U(V) was observed in systems up to pH 5, 
but reduction was from U(VI) to U(IV) directly in circumneutral and alkaline conditions.  
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Comparing the results obtained in the presence of excess Na2CO3 with those obtained in the 
presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm), the results obtained at pH 1.40 
and pH 2.05 in atmosphere-equilibrated carbonate were similar to those obtained at pH 1.56 and pH 
2.14 in the presence of excess  Na2CO3. However, above pH 3, such carbonate concentration has a 
significant effect on the redox behaviour of uranium.  
 
There was one re-oxidation peak where U(III) was most likely re-oxidised to U(VI). The oxidation peak 
potentials at both pHs occur above zero, i.e. 0.153 V and 0.146 V for pH 1.56 and pH 2.14 
respectively. As the pH increased, a trend could be seen for the oxidation peak potentials, which 
moved in the negative direction at much more than 59 mV per pH unit, as shown in Fig. 5. It can be 
inferred that the mechanism of re-oxidation is changing and that protons and/or hydroxide ions were 
involved in the redox chemistry taking place. The nature of the mechanisms occurring will be the foci 
of future studies. Above pH 5, another change occurred as the re-oxidation potential remained 
constant at -0.20 V ± 0.04 V. The inference to be drawn here was that the mechanism now remained 
constant as the pH changes and that protons and/or hydroxide ions were not involved in the oxidation 
step. The details of these reaction mechanisms remain to be elucidated as this study continues, but it 
can now be concluded that any thermodynamic data obtained at, for example, pH 1.5 for the oxidation 
of reduced uranium were not applicable across the pH range in the presence of high concentrations of 
carbonate. This concentration of carbonate was significantly affecting the re-oxidation of uranium. 
 
 
 
 
 
  Fig. 4. Reduction peak potentials as a function of pH data in the presence of excess Na2CO3. 
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Fig. 5. Oxidation peak potentials as a function of pH data in the presence of excess Na2CO3. 
 
 
 
3.3. IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED CARBONATE (Pco2 = 10
-3.5
 atm) 
AND EDTA 
 
 
The uranium redox system was irreversible throughout the pH range under these experimental 
conditions. The cyclic voltammetry results obtained in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) and EDTA are presented in Table 3 below.  
 
 
Table 3: Measured data of the redox peaks from the cyclic voltammograms  
in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm) and EDTA. 
 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.42, 2.24, 3.43 +6 to +4 No Peak 
4.27, 5.37, 6.49, 6.90, 7.06 +6 to +5 to +4 No Peak 
8.69 +6 to +4 No Peak 
9.20, 10.33, 10.69, 11.24, 11.92,  
12.24, 12.58, 12.77, 13.16, 13.36 No Peak No Peak 
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electrode potentials of -1.21 V ± 0.08 V. Two reduction peaks of U(VI) reduced to U(V) and 
subsequently to U(IV) were observed at near-neutral to neutral conditions from pH 4.3 to pH 7.1. The 
electrode potentials were fairly constant at -1.30 V ± 0.02 V for the reduction of U(V) to U(IV), but 
increasingly more negative for U(VI) reduced to U(V) as displayed in Fig. 6. The reduction of U(VI) to 
U(V) from pH 4.3 to pH 7.1 seemed to obey the ’59 mV movement per pH unit’ rule, but this rule 
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should only apply to reversible systems. Above pH 9, no reduction of uranium was observed at all in 
the presence of EDTA. 
 
 
Fig. 6. Reduction peak potentials as a function of pH data in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) and EDTA. 
 
 
3.4. IN THE PRESENCE OF EXCESS Na2CO3 AND EDTA 
 
 
In the presence of EDTA, carbonate complexation no longer dominates.1  The cyclic voltammetry 
results obtained in the presence of Na2CO3 and EDTA are shown in Table 4 below.  
 
 
Table 4: Measured data of the redox peaks from the cyclic voltammograms  
in the presence of excess Na2CO3 and EDTA. 
 
Measured pH of Cyclic Voltammograms Performed Reduction Oxidation 
1.25, 2.21, 3.26, 4.44, 5.05 +6 to +5 to +4 No Peak 
6.09 +6 to +4 No Peak 
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At acidic to neutral pHs, the uranium system was irreversible. No re-oxidation peak was observed. 
From pH 1.25 to pH 5.05, two reduction peaks were seen, where U(VI) was reduced to U(V) and 
subsequently to U(IV). The uranium redox system was reversible, i.e. the uranium was re-oxidised, in 
alkaline systems, with a set of redox peaks at each measured pH. Both the oxidation (see Fig. 8 
below) and reduction (see Fig. 7 below; data points of 2
nd
 peak) peak potentials remained fairly 
constant throughout the pH range, where the U(IV) to U(VI) oxidation peak was measured at -0.20 V ± 
0.04 V and the reduction peaks were measured at -1.3 V ± 0.1 V. There were two anomalies in this 
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set of experiments. Firstly, there was no redox peak at all at pH 6.58. Subsequently, the reduction 
peak potentials for U(VI) reduced to U(V) were not constant as compared to U(V) reduced to U(IV). 
They were instead moving in the negative direction as shown in Fig. 7 (see data points of 1
st peak). In 
addition, the reduction of U(VI) to U(V) from pH 1.25 to pH 5.05 also seemed to obey the ’59 mV 
movement per pH unit’ rule, where this rule should only apply to reversible systems similar to results 
in Section 3.3. It can be concluded that the organic ligand EDTA had affected the uranium redox 
system in terms of reaction mechanisms, thermodynamics and kinetics of the redox reactions. 
 
 
 
Fig. 7. Reduction peak potentials as a function of pH data in the presence of excess Na2CO3 and 
EDTA. 
 
 
Fig. 8. Oxidation peak potentials as a function of pH data in the presence of excess Na2CO3 and 
EDTA. 
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3.5. CYCLIC VOLTAMMOGRAMS IN THE PRESENCE OF ATMOSPHERE-EQUILIBRATED 
CARBONATE (Pco2 = 10
-3.5
 atm) AND WITH / WITHOUT EDTA 
 
 
Fig.9. Cyclic voltammograms for uranium in the absence of excess Na2CO3 with and without EDTA in 
acidic conditions. 
 
 
Fig.10. Cyclic voltammograms for uranium in the absence of excess Na2CO3 with and without EDTA 
in alkaline conditions. 
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In the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 atm), the cyclic voltammograms 
obtained are displayed in Fig. 9. and Fig. 10. above. Fig. 9. is representative of the uranium redox 
behaviour in very acidic conditions while Fig.10. is representative of the uranium redox behaviour in 
alkaline conditions. The uranium redox behaviour was reversible in the absence of the complexing 
agent, EDTA, but irreversible in the presence of EDTA. In the presence of EDTA, the ‘59 mV 
movement per pH unit’ rule was valid. There were no redox peaks at all in alkaline conditions above ~ 
pH 8 in the presence of the organic ligand. The main reason was that no excess Na2CO3 was present, 
which evidently played an important role in uranium complexation and the solubility properties of 
uranium. 
 
 
4. CONCLUSIONS 
 
Experiments were carried out in four different sets of experimental conditions, i.e. in the presence of 
excess Na2CO3, in the presence of excess Na2CO3 and EDTA, in the presence of atmosphere-
equilibrated carbonate only (Pco2 = 10
-3.5 atm) and in the presence of atmosphere-equilibrated 
carbonate (Pco2 = 10
-3.5
 atm) and EDTA. The cyclic voltammetry results were all reversible, except 
under two conditions; irreversible in the presence of atmosphere-equilibrated carbonate (Pco2 = 10
-3.5
 
atm) and EDTA throughout the pH range and irreversible at acidic to neutral conditions in the 
presence of excess Na2CO3 and EDTA. It was evident from the experimental results obtained that 
Na2CO3 played an important role in the redox reactions of uranium. In the absence of excess Na2CO3 
but with EDTA present, carbonate complexation was not dominant. These sets of experiments were 
completely irreversible. In addition, above neutral pHs, i.e. above pH 8.69, no redox peak was 
observed at all. The reason was that uranium had precipitated out under the alkaline conditions, 
visible as traces of yellow precipitate at the bottom of the glass vial. The above phenomenon was 
evidently caused by the absence of the excess Na2CO3. This also showed that when excess Na2CO3 
was added, strong complexation of the uranyl ion, U(VI) occurred. Uranium complexation with 
carbonate increased the solubility of uranium under alkaline conditions and uranium redox peaks 
could be clearly seen when excess Na2CO3 was present. The theory of the electrode having a slope 
of 59 mV per decade was proven when experiments were carried out in the presence of atmosphere-
equilibrated carbonate (Pco2 = 10
-3.5
 atm) only and without the EDTA ligand. From pH 4.23 to pH 
13.28, a trend in the reduction electrode potentials was observed, where the electrode potentials were 
moving in the negative direction. In this set of reversible experiments, this theory was evidently 
proven. Similarly, this theory was again proven by the behaviour of the oxidation electrode potentials 
across the pH range under these experimental conditions. 
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